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Measurements of the conductances, viscosities, and 
densities of solutions of the salts: 
M%NEt_I, where n = 0, Li.; 
the ring salts MenEt2nN(Ca2)mI,  where n = 0, 2 and in = Li,, 5; 
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Computer programs have been developed to evaluate conductance 
results for unassociated and associated electrolytes in solvents of 
different isotopic (H20-D20) composition, and to obtain apparent 
molal volumes and viscosity B-ooefficients from experimental results. 
For the conductance results the programs were designed to test 
several of the equations which have been proposed for the variation 
of conductance with ionic concentration. 
A strong linear correlation is observed between the 
reciprocal of the ionic conductances, l/, the apparent molal 
volumes, Ø, and the viscosity B-coefficients for these quaternary 
ammonium ions. This suggests that these properties are all 
related to the same function of ion size. However an examination 
of published values of these parameters for large quaternary ions 
shows that the simple linear correlations do not hold in general, 
and this breakdown is discussed. 
The linear relation between l/k and 	is of particular 
interest, since a simple hydrodynamic (Stokes' law) treatment 
suggests that 	in proportional to the ionic radius, while 
Ø depends on the ionic volume, i.e. on r 	In the absence of 
a satisfactory theory for the conductance mechanism, this empirical 
relationship between 1/A, and 	has been used to estimate 
hydration numbers for a number of monovalent inorganic cations. 
The concentration dependence of the solution conductances 
suggests a degree of association greater than that predicted on 
the basis of purely electrostatic ion-pairing. A re-examination of 
values reported in the literature for the conductances of 
quaternary ammonium halides in water at different temperatures, 
and In deuterium oxide, suggests that this association might be 









Electrolyte Solutions and the Structure of Water 
1.1 Introduction 
A quantitative theory of electrolyte solutions must take 
account of the interaction between the disordering effect of the 
thermal motions of the ions and the ordering effect of the inter-
ionic electrical forces. Thermal motion tends to produce an 
entirely random distribution of the solute throughout the solution, 
and this effect predominates when all the species are uncharged. 
The coulombic electrical forces between the ions in an electrolyte 
solution produce a distribution which is not random even at 
considerable distances on the molecular scale. Each ion is 
surrounded by a time-average 	 in which ions 
of the opposite charge predominate. 	(The 'ionic atmosphere' may 
also be pictured as a quasi-crystalline structure, which is 
randomised by the thermal motions in the solution.) The concept 
of the 'ionic atmosphere' was introduced by Debye and HUckel 6 to 
circumvent the almost prohibitively laborious numerical summation 
of the interaction energies for all the configurations of the system. 
The assumptions of the Debye-Hick.1 theory may be stated as 
follows:- 
(a) The interaction between ions In completely determined 
by coulombie forces: all other intermolecular forces may be 
neglected. 
2 
The dielectric constant of the solution is equal to 
that of the solvent, any change in the latter due to dissolved 
salts being neglected. 
Ions may be regarded as spherical and unpolariesbie 
charges which possess spherically symmetrical fields. 
The energy of interionic attraction is small in comparison 
with the thermal kinetic energy. 
Strong electrolytes are completely dissociated at all 
concentrations. 
This approach has been applied to a wide range of electrolyte 
solution properties - activity coefficients, conductance, diffusion, 
transport numbers, viscosity, and apparent volumes - by a number of 
workers, including Onsager and Palkenhagen. For convenience, this 
model for electrolyte solutions will be referred to in this thesis 
as the Debye-liiekel-On.ager, or D.H.O., theory. 	'Limiting laws' 
have been derived, which are very successful in accounting for the 
concentration dependence of solution properties near infinite 
dilution. 	lixtended. forms of the basic equations may be used at 
higher concentrations. 
The limiting laws in general introduce a term which in 
proportional to the square root of the concentration. The simplest 
form of equation is obtained when the ions are treated as point 
charges. 	In this case, Debys and 	expression Zr the 
activity coefficients of imi-univalent electrolytes, in given by 
Equation 1.1. 
log 	-Ac1 	 (1.1) 
3 
where the coefficient A is given by7 
A = (211 1 000)(.3/3o3k3/ 2 ) (/]y)3/2 	 (1.2) 
The symbols have their usual significance, as explained in the 
List or Symbols. The corresponding equations for conductance, 
parent molal volume and viscosity are discussed in Chapters 2, 3 
and 14 respectively. 
At concentrations which are of practical interest, the 
finite size of the ions may not normally be disregarded. A more 
general form of the DeLy.-Hückel expression for the activity 
coefficient includes the 'ion-size parameter*, a, the distance of 
closest approach of the ions in solution. Mathematically, a is 
the lower limit of integration in the Debye-Hüokel expression for 
the electrical potential at a distance r from the centre of the 
reference ion; that is, the distance within which the centre of 
no other ion may penetrate. 	On this basis the expression in 
Equation 1.3 is obtained for uni-univalent salts 
log f.= -Ao/(l+Bao) 	 (1.3) 
where A and B are given by Equations 1.2 and 1.4 0 respectively. 7 
B W  [8flN.2/(1000DkP)J1 	 (1•14) 
The expression Ba is in practice generally of the order or unity. 
Hence, even for a one-thousandth molar solution or a uni-univalent 
electrolyte, there is a difference of approximately three psi' cent 
between the values of log f+ calculated by Equations (1.1) and 
(1.3). The limiting law (1.1) is approached only in extremely 
dilute solutions. 
It is obvious that the ion-size parameter is defined in an 
arbitrary way, and the value which should be assigned to it in only 
known to an order of magnitude. In practice, a is an adjustable 
parameter which may be varied to produce agreement with experimental 
results. The values or a which are required are normally physically 
reasonable, as long as the concentration is sufficiently low. For 
example, the approximation Be = 1, which for water at 250 requires 
an ion-size parameter of 304 A', is often used in Equation 1.3. A 
reasonable representation of the activity coefficients of a number 
-1 
of electrolytes in obtained for concentrations up to -31 mole litre 
without the use of an adjustable parameter. 
In the interpretation of conduotanoe measurements, extensions 
of the limiting law (Equation 2.14) which include the ion-size 
parameter, are particularly successful (Chapter 2). An interesting 
illustration of this point is given by ?uoas. 8 When the conduc-
tances of solutions of the potassium halides were analysed with 
Equation 2.15, the values of the ion-e&ze parameter which were obtained 
were almost identical with the sum of the crystallographic radii 
( Z r of the ions. The results are given in Pablo 1.1 
	
Table 1.1 	Ion-Size Parameters 
Salt 	 a/A' 
3'07 	 3]4 
8r 	 326 328 
KI 	 350 	 350 
5 
In this case, at least, the ion-size parameters appear to have a 
very definite physical significance. 
On the other hand, extensions or the limiting law for 
solution viscosities in terms of the ion-size parameter are not 
significantly better than the limiting law expression 3 (see 
Chapter 4). 
Equation 1.3 may be used at ionic strengths up to about Ol, 
but the value of a required for the beat fit is apt to vary over 
the concentration rang.. This suggests that other effects which 
have not been accounted for in the theory have been collected to-
gether into the adjustable parameter a. To a first approximation, 
variation of the parameter a in Equation 1.3 leads to a term which 
is linear in concentration, as may be shown by the differentiation 
of Equation 1.3. 
d (log f)/da = [ABJt1.+aao ) 2 )o 
There are, in fact, a number of ways in which terms linear in 
concentration could arise. 	Terms of this order were neglected in 
the derivation of Equation 1.3, and various types of solute-solute 
and solute-solvent interactions give rise to terms in concentration. 
Equations which include an empirical term linear in 
concentration may be used to fit experimental values over a wider 
concentration range than is covered by Equation 1.3 9 and the values 
of the ion-size parameter which are required by these equations, are 
in reasonable agreement with those suggested by Equation 1.3. 	In 
particular, the approximation Ba = 1 may be used. Equation 1.5, 
in which b is an arbitrary adjustable parameter, has been shown to 
give a very good representation of activity coefficients up to 
0'1 molar. 7 
log f = -Ao/(l+o) + be  
An equation of this type has been used, for example, by Prue and his 
co-workers 9 in a discussion of the activity coefficients of 
quaternary ammonium •è1t, and an empirical correlation of b with 
solute-solute interactions was obtained. 	In other words, Ba = 1 
provides convenient torm, and serious deviations are an indication 
of factors other than variation in the size of the ions. 
The assumption (b) that the dielectric constant is unaffected 
by the presence of the ions, and the corresponding assumption, In 
the osee of transport properties, that the viscosity in the vicinity 
of the ions is equal to the viscosity of the pure liquid, amounts 
to the treatment of the solvent as a structureless dielectric 
continuum. A modification of this treatment in the ease of 
activity coefficients has been proposed by Robinson and Stokes. 10 
The ion-size pram.tera obtained for simple electrolytes are in 
general greater than the sum of the crystallographic radii of the 
ions. 	For example, sodium chloride, for which the sum of the 
crystallographic radii is 276 A0 , requires an ion-size parameter 
of the or4er10  of LA°. This value is in qualitative agreement with 
the evidence from transport measurements that the kinetic entity 
which corresponds to the ion includes a number of relatively firmly 
attached water molecules (section 2.2). 	In addition, approximate 
calculations 11 indicate that beyond the first layer of water 
ii 
molecules round the ion, the dielectric constant of the solvent 
is approximately equal to that of pure water, while within this 
layer the dielectric constant may have a value of the order of 
tour or five. It is this interaction which is predominantly 
responsible for the ready solubility of a wide range of 
electrolytes in water, in spite of the stability of the crystal 
state. 	It therefore seems reasonable to assume that the ions are 
hydrated i.e. that a number of water molecules in the vicinity 
of the ion are completely immobilized (on a time-average basis), 
and to assume that the hydrated ion exists in an ideal dielectric 
continuum. The 'hydration number', h, the effective number of 
water molecules associated with the ion, may be calculated. 	The 
values of h need not be integral it hydration is a dynamic process. 
When the parameter h is included in an extended version of the 
Deby.-Httokel expression for the activity coefficients, and an 
allowance is made for a limited penetration of the anion into the 
hydration sheath of the cation, an excellent fit of the 
experimental results is obtained for a wide range of salts, up to 
concentrations at which approximately one quarter of the water 
molecules are bound to the ions as water of hydration. 10  A more 
detailed discussion of hydration numbers is given in Section 12.4. 
As the concentration increases, the interpretation of the 
solution properties becomes more difficult. The assumption that 
the solvent may be treated as a continuum becomes less reasonable. 
[] 
In a one molar solution, for example, there are few water 
molecules distant by more than two or tbr.e molecular diameters 
from some ion. 12  A detailed description of electrolyte solutions 
may, in tact, only be advanced for very dilute solutions. This 
is particularly true of transport properties, which depend on 
irreversible proc.e.ee (a.. Chapter 2). Even for moderate 
concentrations the interpretation of solution properties is by no 
means unambiguous. This may be illustrated by z'sferenoe to recent 
studies of aqueous solutions of quaternary ammonium salts. Anomalies 
in the solution behaviour of these salts, in comparison with 
simple inorganic salts, have been explained by different workers in 
term. of Ion pairing which is enforced by the water structure, 13,14,15  
cation-cation Interactions in the form of 'hydrophobic bonding', 16 
penetration of the cation into the hydration sphere of the anion, 9 
and aeaooiation. 17 ' 18 ' 1 	(Of course, 	structure enforced ion 
pairing' I. a special type of association.) The meaning of these 
terms is explained in later sections. 
The effect of water structure on the concentration dependence 
of solution properties has been invoked in a number of these dl.-
oussion.. The influence of the solvent is particularly marked at 
Infinite dilution, which is obviously not covered by the D.H.O. 
theory. 	For example, the equivalent conductance (Section 2.2) of 
an ion at infinite dilution is determined by the size of the ion 
and its interactions with the solvent. 	It is fairly generally 
agreed that no extension of continuum theories will provide a 
satisfactory explanation. 
Solvent interactions are of particular significance in water. 
The greater part of experimental knowledge about electrolytes is 
based on the study of aqueous solutions. Yet water is tar from 
being a typical solvent. 	Indeed, its special properties, as well 
as its ready availability, have contributed to the great interest 
in aqueous systems. The melting point, boiling point, and the 
enthalpy and entropy of evaporation of water are quoted in Table 1.2, 
in comparison with the hydrides of nitrogen, oxygen, fluorine and 
sulphur. 23 
Table 1.2 Physical Properties of the Hydrides. 
M.P./°C 	B.P.PC 	ARvap/toal mole1 tSvap/oal deg- 1mole 
NH 	-78 	- 335 558 	 233 
0 	 100 	 973 	 26'1 
HP -85 195 615 
H25 -855 -604 4- 46 
210 
21-0 
It is clear that water is a highly associated liquid. 	The nature 
or this association is of considerable importance in the Inter-
pretation of measurements of aqueous solution properties. 
1.2 Model for the Structure of Water 
Modern theories of water structure originated with the 
proposition by Bernal and Fow1er21 ' that the structure present in 
liquid water does not take the form of polymeric species consisting 
of a few molecules - an idea which was frequently suggested in 
10 
classical descriptions of water - but rather a large-scale 
ordering with a tetrahedral arrangement similar to that of ice. 
The ability of water to form a tetrahedral structure is, by this 
theory, one of the main reasons for the differences (Table 1.2) 
between water and its near neighbour In the periodic table. The 
experimental evidence which was presented by Bernal and Fowler 
may be summarised as follows: 
The density of water is relatively low. 	If the molecules 
were close packed, the density would be about 1-84 gem- 3 (based on the 
'radius' estimated from X-ray studies on ice), instead of about 1 g 
am-3 . Alternatively, the radius of the water molecule would have to 
increase from about 14 to about 17 ion fusion if it was assumed 
that water is a close packed liquid. An open structure for liquid 
water is more likely. 
X-ray scattering indicates the presence in water of 
considerable structure analogous to that of ice. 
(a) The dielectric constant of water and its variation with 
temperature and frequency may be explained it it is assumed that 
the greater part of the molecules are not free to respond by 
orientation to an external field. 
The concept of tetrahedral structure in liquid water has 
been developed by Frank and Won. 25  They point out that the formation 
of a hydrogen bond involves a charge eeparaton - it is, in tact, 
an acid-base rotation. The bond may bi stabilised by the tormatlnn 
of a second hydrogen bond with another water molecule, and the 
latter process is favoured by the already existing polarisation. 
11 
Hence hydrogen bonding in water is a cooperative process, and 
Prank and Wan picture the existence of 'flickering clusters' of 
tetrahedrally coordinated hydrogen-bonded water, extending to 
several molecular diameters, embedded in monomeric unbonded water, 
'ithioh is subject to dipole-dipole and London interactions, but which 
is not hydrogen bonded. The clusters continuously grow by 
addition of unbondod molecule., and malt to give the monomeric species. 
Prank and Won 25  point out that 'structure' to be significant In the 
determination of the properties of water and of aqueous solutions, 
need only have a half-life of the order of10-10  or 10-11  seconds, 
which is 10 2_103  times the vibration period; that the energies 
involved might be of the order of 1 Icoal per mole of bond..; and 
that the entropy change need not be too great since the uribonded 
molecules are not completely free to rotate. 
Detailed calculation, of the properties of water which would 
be predicted on the basis of the theory of Prank and Won, have been 
advanced by Nmethy and Soh.raga. 26 They were able to obtain good 
agreement between calculated and experimental values for the internal 
energy and entropy of water, and to explain its thermal expansion, 
compressibility, dielectric relaxation, self diffusion, viscous flow 
and compressional relaxation. Agreement was not good for the heat 
capacity, and the model was shown to break down about 7000. The 
calculations of Nm.thy and Scheraga have however been criticised, 27 
on the grounds that they counted the number of bonds incorrectly, so 
that no great reliance may be placed on their detailed conclusions. 
The two-state model of water has also been questioned. 28 The 
12 
model depends on the postulate by Frank end Won
25  that the hydrogen 
bonds are partially covalent in character, and may not bend. A 
continuum model may be advanced if bending of the bonds is allowed P930  
the effect of this is to make the hydrogen-bond energy temperature 
dependent. 28 This latter model has been favoured by some 
workers. 28 ' 31 The detailed arguments on which these models differ 
are entirely beyond the scope of this thesis. 	It is sufficient 
to accept that water is oharacterised by a considerable amount 
of hydrogen-bonding, and that the model of Frank and Wen provides 
• convenient physical picture, which is in good agreement with the 
experimentally observed properties of water. 
The hydrogen-bonded species, having an open 'ice-like' 
structure, has a molel volume greater than that of the monomeric 
species. Consequently an increase in pressure, as well as an 
increase in temperature, favours the monomeric species, and leads 
to 'melting' of the structure. The degree of hydrogen-bonding 
in the solvent may also be profoundly affected by the presence of 
solute, whether ionic or non-ionic. 
Footnote:- 	It is interesting to observe that similar ideas, 
though without a clear phyejqa1 model, were advanced as early as 
1923, by Lewis and Randall. -' 
"Various properties of water, especially the phenomenon of 
i.ztum density at 141, can most readily be interpreted by assuming: 
that, in the neighbourhood of its freezing point, water contains a 
large amount of a molecular species formed by the aggregation of 
simple molecules; that this species occupies a larger volume than 
the simpler oleculea of which it is constituted; and that it breaks 
up into these simpler molecules (with absorption of heat) as the 
temperature is raised. 
It appears that any electrolyte dissolved in water in some way 
causes these aggregates to break up to a degree which increases with 
concentration. Thus, when a small additional amount of the solute 
13 
is added to an aqueous solution of an electrolyte, the total 
volume is increased by the volume occupied by the solute molecules, 
but is diminished by the dissociation of the larger aggregates. 
The latter effect may predominate over the former, in which case 
the partial volume of the solute is negative." 
1.3 Water structure and Aqueous Solution 
The concept of eleotrostriutive solvation to form a solvation 
sheath has long been accepted as an explanation for the behaviour 
of Ions in solution: specifically, that the effective size of 
ions determined from solution properties is often larger than could 
reasonably have been predicted from crystal structures, and within 
a group of elements in the periodic table, decreases with increasing 
ion size. 	The evidence for solvation is discussed In Section 1.1 
with reference to activity coefficients; in Section 2.2 with reference 
to ftc,; and In Section 4.4 with reference to the viscosity B 
coefficient. 
The presence in water of three-dimensional structure 
introduces further complications. Water molecules which are 
oriented by the ion in its hydration sheath would be expected to 
have a roughly controayuretrical arrangement, which is not compatible 
with the tetrahedral structure favoured by water. These conflicting 
tendencies have been discussed by Bernal and Fowler, 2 and by Prank 
and Won. 25  In Frank's representation, three zones, which be 
labels A. B and C, may be pictured around an Ion in aqueous solution. 
A: in the Immediate vicinity of the ion, the interaction 
of the ion with the solvent dipole leads to the establishment of an 
14 
eleotroetrictod hydration shell. The orientation of the water 
molecules in this region is governed by the central ion. 
at intermediate distances from the ion, there in 
competition between the orientation forces or the ion and of the 
euvrounding water, and this leads to a net disruption of the water 
structure. 
The bulk solvent, far from the ion, has the properties 
of mare water. 
discussion of solute-solvent interactions was largely 
based on calculations of the entropies of solution of ions, 33 which 
suggested that simple ions, except sodium, lithium and fluoride, 
lose 	little' entropy on solution in water. A special mention 
ef the heat capacity, C, of solution was also made. 2.5  Ions may 
reduce C, by freezing degrees of freedom in region A. and by 
destroying 'ic.-likneas' in region B. Essentially the same 
picture of ions In aqueous solution was advanced by Bernal and 
Fowler, 24 in order to explain the fact that small ions like lithium 
increase the viscosity of water, whereas large ions such as cesium 
tend to reduce the viscosity of water (see Chapter 4). 
On the basis of Prank's theory, it in proposed that ions with 
a large charge to surface ratio (high surface-obarge density) exert 
strong orienting forces on water, so that region A is large for 
these ions. The extensive order which in produced explain, the 
entropy effect 33 for these ions. Their large effective size is 
explained it solvation is tp$Tflflt• 	Larger ions, such as cesium 
and iodide, are less able to orientate the water molecules 
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surrounding them, and their behaviour is dominated by the effect 
of region B. 	Since this loads to a reduction in the structure, 
or hydrogen-bond character, or the solvent, a positive contribution 
to the entropy of solvation results, and so the ions lose 'too 
little entropy' 33 on solution. The breakdown of the water structure 
also provides an explanation of the decrease in viscosity observed 
for solutions of some large ion.. 
A wide range of experimental observations may be systematised 
on the basis of this model for the effect of ions on the structure 
of water. The effect of a change in temperature is of particular 
interest. A. the temperature is increased, the amount of hydrogen-
bonded structure in the solvent is reduced, and any effects which 
are due to the interaction of the ion with the structure of the 
water must therefore be less significant. For example, the low 
B-coefficients (Chapter I) obtained for large ions should increase 
with temperature. Kauiinsky 3 has shown that this is the case, and 
that there In an almost exact correlation between the temperature 
dependence of the B-coefficient, the heat capacity, and the apparent 
volume (Chapter 	the alkali metal ions and some other.. This 
effect is entirely explained by the Prank-Wen theory, if the negative 
temperature coefficient obtained for lithium and magnesium ions is 
ascribed to the effect of a 'second hydration shell' which is less 
firmly bound and hence temperature labile. Similar temperature 
dependence effects are observed for the conductance-viscosity 
product, and may be explained in the same way. This will be 
developed in Chapter 2. 
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Evidence for the effect or ions on the structure of water 
may be obtained from infrared absorption studies. Swain and 
Bader 31 have shown that fluoride ions increase the frequency of 
maximum absorption for a band corresponding to libration, or 
restricted rotation: chloride, bromide and iodide ions give a new 
maximum absorption at lower frequencies: lithium ion does not 
siuiticant1y alter the band, but the other singly charged cations 
absorb at slightly lower frequencies. This corresponds to a lower 
energy for the libration in the presence of the 'structure-breaking' 
ions, as expected. 
There is evidence too that the solvent structure influences 
activity coefficients. 35 The fact that this effect In not more 
pronounced, is the result of the cancellation of the entropy effects 
observed by Prank at al., by correspondingly large enthalpy changes. 
Nevertheless it is suggested that structural effects contribute to 
the terms which must be employed in extensions of the Debye-Hückel 
expression for the activity coefficient (section 1.1). 
The foregoing discussion has been restricted to 
salts, such as the alkali metal halides, and leaves unexplained the 
behaviour or a large group of ions, such as tetrabuty1aonium and 
tetrapheny]. boride. These ions have a low surface charge, but 
have large viscosity B-coefficients sin-,liar to hydrated ions, and 
show many other 'anomalous' properties. This has led to a great 
interest in the solution properties of quaternary ammonium ions. 
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1.14, Water Structure and Hydrophobic Solutes 
The solution behaviour of ions carrying large nonpolar (iiydro-
oarbon)r'eaidu.e, is often anomalous when compared with simple inorganic 
ions. 	Indeed, it may be argued that the t.trabutylaninonium ion, 
for example, is more likely to behave as an unusually soluble hydro-
carbon than as a large alkali metal ion. 	It is therefore useful to 
consider the aqueous solution properties of hydrocarbons and nonpolar 
gases in an attempt to elucidate the behaviour of large quaternary 
ions. 
Frank and Evans 33 have shown that large entropy changes are 
involved when nonpolar gases are dissolved in water. The decrease 
in entropy is much greater than may be accounted for in terms of 
the loss of freedom of the gas on solution. The enthalpy changes 
involved are small in comparison,, so that the low solubility or 
nonpolar molecular in water is governed mainly by entropy consider-
ations. Very large partial molal heat capacities are observed 
for nonpolar solutes in water, which may exceed 60 cal degmo1e. 
Frank and Evans 33 attribute these effects to the formation of 
'iceberg.' in the vicinity of the nonpolar molecule; a phrase 
which is not to be taken literally, but rather as an indication of an 
increase in the hydrogen-bond character of the solvent. Other 
phrases which have been used to describe the effect are tincreasing 
ice-lik.neae', and 'hydrophobia hydration'. Bernal and Fowler 2 
refer to a 'decrease in the structural temperature' of the solvent. 
It appears that the nonpolar molecules are able to fit into 
'holes' in the open hydrogen-bonded polyhedra, which may require a 
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different spatial arrangement from that found in i0.. 	The concept 
of'hydrophobic hydration' is not unreasonable, since nonpolar 
gases are known to form olathrate hydrates. 37 Overall stabilisation 
occurs through the van der Wa&ls forces between the nonpolar 
molecule and the surrounding water. 	The structure present in 
aqueous solutions of hydrocarbons must, however, be lees extensive 
than that of the olathrate hydrates. A 'partial cage' structure 
has been advocated, 8 in which the cage forms part of a 'flickering 
extending beyond the surface of the hydrocarbon into the 
bulk of the solution. The development of a more extensive structure 
is prevented by a number of factors. 
Hydrocarbon molecules, particularly the larger ones which 
are analogous to quaternary ammonium ions, are unlikely to fit the 
steno requirements imposed by the distribution of suitable 'cavities' 
in an extensive 'icielike' crystalline network. 
Since the solubilities of these molecules are low, there 
is no possibility of a 000p.rative mutual stabilisation by the 
'cages' surrounding different molecules. 
The formation and collapse of the hydrogen-bonded 
structure is a rapid process, governed by bosh thermal fluctuations; 
it should be remembered that the half-life suggested for the 
'flickering clusters' in water is of the order of 10- 10  seconds. 
Since this is so, the hydrogen-bonded polyhedra need not possess 
sufficient symmetry to permit long-range order. 
The concept of hydrophobic hydration has been extended to 
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solutions of Ions which have a large nonpolar surface. It is 
particularly applicable to quaternary ammonium lone, linee they 
are singly charged, and the charge is localised and 'shielded' 
from the solvent by hydrocarbon residues. A considerable amount 
of experimental evidence may be explained if it Is assumed that 
large quaternary ammonium ion, promote hydrogen bonding in water. 
A few examples are quoted below. 
Devanathan and Fernando39 attempted to measure the activity 
coefficients of symmetrical quaternary ammonium iodides,, by means 
of the cell 
Ag,AgI I E1 (c) eat. Kul RNI (c) I AI.Ag 
Very large activity coefficients were obtained. Frank pointed 
out that the ..m.f. of the cell represents the difference in the 
activity of the iodide ion in solutions containing potassium lone 
and quaternary ammonium ions respectively. 	Iodide Ion is a 
structure breaker, whereas tetrabutylarumonium ion, in particular, 
is a structure forming ion through the hydrophobic effect. Prank 
therefore argued that the anion and the cation 'salt each other 
The potassium ion, on the other hand, has loss effect on the 
solvent, and is probably a structure breaker. Thus the high cell 
e.m.f. values obtained reflect the effect on the iodide ion of 
hydrophobic hydration of the quaternary ammonium Ion. 
Kay and Evans 21 have introduced the concept of hydrophobic 
hydration to explain the temperature coefficient of the Walden 
product (Equation 2.8) and the difference between the value in 
water and nonaqueoua solvents (see Chapter 2). 
re 
Franks and Smith, Wan and Saito 9 16 and Denoyera and 
Arel have used this concept in the interpretation of molal 
volume measurements (a.. Chapter 3). (lopal and SiddiqtL 3 
concluded, from studies of the temperature dependence of mold 
volumes, that large quaternary ions are hydrated in a close packed 
rather than hydrogen bonded structure, since the apparent volumes 
of the iona increased with temperature, which must correspond to 
ltjflgV of the structure. This observation, however, is 
anticipated by the theory, which assumes that the hydrophobic 
entity occupies apace In the 'ic, lattice' which would otherwise 
remain empty. This point was discussed by Nomethy and Scberaga. 8 
The partial molal volumes of hydrocarbons in water are smaller 
than in the liquid phase or in nonaqueous solvents, and a similar 
reduction is observed when olathrate hydrates are formed. 
As was mentioned in Section 1.1 0 the importan'e of solvent 
structural considerations is by no means universally accepted. 
Prue 9 has shown that activity coefficient measurements for 
quaternary ammonium halides may be explained In terms of the 
hydration of the anion. Wirth17 was able to explain the concan-
trat ion dependence of apparent volumes for the quaternary ammonium 
halide, by the assumption of association, and obtained association 
constants consistent with those required to explain conductance 
and activity coefficient measurements. 	Similar evidence has been 
obtained by Fern ndez-Prthi19 and by Levien.18 The question is 
further complicated by the suggestion of Diamond, 3 and of 
Lindenbaum and Boyd 9 14  that ion pairing may be 'water structure 
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enforced'. 
These ideas will be further discussed in later chapters. 
It is clear, however, that the experimental observations may be 
explained in different ways, and that no one theory has as yet 
achieved universal acceptance. 
1.5 Deuterium oxide 
A great deal or information about aqueous solution has been 
derived from a comparison between measurements in protium oxide 
(H20) and deuterium oxide (D20). The higher viscosity, melting 
point, temperature of maximum density and heat capacity of D20 
compared with H20, suggest that there is a greater degree of struc-
ture in deuterium oxide, a conclusion which has been supported by 
detailed oa1culations, 	A number of small differences between 
the properties of ionic solutions in the two solvents show a strong 
correlation with the classification of ions in terms of their 
interaction with water structure, and may be rationalised by the 
entirely reasonable assumption that the interactions of the solute 
with the solvent structure are more siiificsnt in 1)20. 
Kay and 1vane' have shown that the conduotanas-viecosity 
product in D20 is greater than in R20 for 'structure breaking' 
ions, and less for 'structure making' ions. This suggests that 
ions like Cs, 	and 1 have an 'excess mobilityjD20 in comparison 
with H20 on account of a reduction in structure, whereas lone like 
BuN+ and f are relatively less mobile on account of structure 
promotion. 
Conway and his oo-workers 46  have shown that the partial molal 
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volumes of structure breakers are smaller, and those of structure 
makers greater, in D2  than in H20. The explanation which 
immediately suggests itself is that these observations are consis-
tent with the Increase in volume caused by structure-making and 
the decrease caused by structure-breaking. This, however, is in 
direct conflict with the explanation proposed in Section l.4 for 
the temperature dependence of 	for quaternary ammonium salts, that 
'hydrophobic hydration' leads to an overall reduction in volume. 
The same contradiction is implied in comparison with the discussion 
If 
of Wen and Saito, 10 although they postulated a volume reduction at 
concentrations high enough for the cgea  surrounding different 
ions to stabiliss each other. A situation in which there is an 
increase in volume at infinite dilution due to structure promotion, 
and a decrease in volume at higher concentrations due to the same 
effect, while possible, is not particularly convincing. 	In Prue's 
worda, 7 OToo many papers are .... content to conclude that all is 
In excellent accord with ill-defined notions of the 'structure' of 
water'. 
The experimental results for deuterium oxide solutions may 
therefore, with considerable caution, be taken as an indication of 
the influence of solvent structure on aqueous solution properties. 
This conclusion is also suggested by the concentration dependence 
of the conductances of some quaternary salts, as is discussed in 
Section 12.5. 
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1.6 Siificance of the Present Work 
From the discussion in the previous sections, it is clear 
that solute-solvent interactions of different types play a dominant 
role in the aqueous solution behaviour of ions. The present work 
In concerned with a series of ions for which these interactions 
are at a minimum, namely, a series of quaternary ammonium ions 
(Table 5.1) which cover the size range from Me N ' to EtJ N. The 
solution behaviour of the latter two ions has been widely studied, 
and the evidence suggests that, as expected,, these tons are not 
•l.otrictively hydrated (although Nightingale has questioned this 
assumption in the ease of the Me j N ion). 	It is generally agreed 
that Me1 N is a slight structure breaker, whereas EtNI is a border-
line case for which structure-breaking and hydrophobic structure-
making balance each other out. 209491,50 
Measurements of the conductances., viscosities, and densities 
of solutions of these ions are reported (The iodides were normally 
used, since they are the least hygroscopic of the halides). These 
properties are all related to the size of the ions (Chapters 2, 3 
and L), but when solute-solvent interactions are significant there 
is in general no obvious correlation between the parameters which are 
obtained, because of their different dependence on ion-solvent 
interactions. For example, a change in the viscosity in the vicinity 
of the ion may affect significantly the value of the solution 
conductance, but is not important in volume determinations: eleotro-
strt3tivs hydration increases the kinetic also of the ion, but 
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reduces its apparent volume. 	It is therefore of considerable 
interest to study- the correlation of these parameters when inter-
actions with the solvent are at a minimum. 
1.7 Pharmacological Significance 
The quaternary ammonium ions studied in this 'work have been 
shown to be pharmacologically active. 	Some of the tons stimulate 
acetylcholine receptors, whereas other ions block thsm,5 and. 
there is no obvious chemical distinction between the ions which 
could account for this. In addition, a large number of studies 
have been made 52 of the effect of quaternary ammonium drugs which 
are formally derived from members of this series through the replace-
ment of one methyl group by a long sideohain. Linear, branched 
and substituted hydrocarbon chains were considered. For any given 
sidoobain, dramatic differences in activity were obtained with 
different headgr'oupe from this series, and for each long chain, the 
releive dependence on the headgroup was strikingly similar. These 
observations led to the suggestion that the size of the headgroup Is 
a siiificant factor in the activity- of the drug. The most 
satisfactory method for the estimation of the size of the Ions 
seemed to be to study their behaviour in solution, and the size of 
the headgroupa of the long-chain ions could be estimated from the 
effective size in solution of the methyl analogues. 






The conductivity (specific conductance), X. P . of a 
conductor of resistance R. length 1 0 and cross-sectional area A. 
is given by 
1/AR 
As the conductance of a solution i8 dependent on the concentration 
of electrolyte present, solution conductances are generally 
expressed in terms of the equivalent conductance, A. given by the 
formula 
A = 100o1c5 /0 = 1000k0/cR 	 (2.1) 
where the cell constant, k0 ,ia formally equal to 1,/A, and where the 
concentration c is expressed in .quiv litre- 1. A is therefore 
the conductanoe of the solution per chemical equivalent of the 
solute. 
Since the resistance of a solution in a conductance cell 
depends on the geometry of the cell as well as on the dimensions 
and the separation of the electrode., the cell must be calibrated, 
and the normal practice is to use solutions of known equivalent 
conductance to obtain the cell. constant, IC 0 , from the equation 
= k0/R 
Potassium chloride is conventionally chosen as a reference 
standard, since it may readily be purified, and since a great deal 
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or careful work has been done to establish the equivalent conduc- 
tanoes of solutions of this salt. An empirical equation, proposed 
by Lind, Zwolnik and Fuoas, 53 and based on the best values in 
the literature for the conductances of solutions of potassium 
chloride, may be used to calculate the solution conductance 
corresponding to any given concentration, and this provides the 
most convenient method for the determination of k for a conductance 
cell. 
2.2 3init1oance of A. 
The transport of electricity through an electrolyte involves 
the movement of ions. A- 	dilution the motion of an ion 
must be governed solely by Its interactions with the solvent, as 
by definition there are no other ions within a finite distance. 
Under those circumstances KohlrauschOn Law of Independent Migration 
of lone is almost axiomatic: namely, that each species of ion at 
infinite dilution contributes a definite amount to the equivalent 
conductance, regardless of the other ions present. The equivalent 
conductance A, at infinite dilution, may therefore be divided into 
contributions from the cation and anion. 	In an obvious notation, 
+ x 	 (2.2) 
This division may be performed unequivocally, since the transport 
numbers, t and t, the fraction of the current carried by the 




A = t 0 Th 0 	 (2.3) 0 	00  
Individual ionic values A depend directly on the nature 
of the ion and the properties of the medium. The most common 
basis for the discussion or X is an analogy with the motion of a 
spherical particle through a viscous medium, by the application of 
Stokes' law. The viscous force, t, acting on a particle of 
radius r, moving with a velocity v in a medium of viscosity 1 in 
given by Stokes' law. 
f = bfl'rv 	 (2.1..) 
Under the influeuce or an applied electrical field X, a 
univalent ion in solution will attain a steady velocity when the 
viscous force equals the force exerted on the ion 6y the applied 
field, that is, when 
Xe = 0 1 'rv 	 (2.5) 
From Ohm's law, 
X = IAsp  
where I is the current density in amp ozn 2 . Now the current 
arises from the movement of ions, of which there are c gram 
equivalents am-3 , moving with a velocity v. Hence I CCV?. 
Substitution in Equation 2.5 gives 
(ovP/K5 )e = 6IIxv 
	
= 6flir 	 (2.6) 
From Equation 2.1, o/K, = 1/A 
Hence r = p/6flNA0r0 	 (2.7) 
Thus if the ionic radius remains constant, the product 
of the limiting ionic conductance and the viscosity of the 
solvent should be a constant. The product A0'r,0  (and hence A0%) 
does in tact show a striking constancy for many salts over a wide 




is known as Walden's Rule. 
The values of the Stokes' law radius are fairly close to the 
crystal radii for anions in a number of solvents. This is 
illustrated by the values in Table 2.1, for dimethyltormainide (DMP), 
dimethylaulphoxide (DM80) and dimethylacetamide (DMA). 54 
Table 2.1. Stokes' Law Radii ( 0 tA') for Anions 
Solvent 	 Cl 	Br 	I 	C10 
DMP 	 109 	19 	20 	20 
DM30 	 - 	17 	17 	17 
DRA - 	21 	21 	21 
Methanol 	 2'9 	27 	2'4 	21 
Water 	 12 	l2 	102 	l'L. 
Crystal radius 	 181 	195 	216 	24 
It appears that the balide ions are 'bare' in DMF, DM80 
and DMA, and slightly solvated in methanol. The Stokes' law 
radii for the ions in water are, however, considerably smaller 
than the crystal radii. 	It might be suggested that the 'structure- 
breaking' properties of the ions lead to anomalously high 
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mobilities in 'water. 
Table 2.2 shows the Stokes' law radii, r5 , together with 
the crystallographic radii, z 0 , or radii, r e estimated from 
molecular models, for a number of cation.. 
Table 2.2 	Stokes' Law Radii for Cation.. 55 
Ion r0 /I rle Ion 
Li 0'60 237 MeN 4 347 204 
Na 0 '97 183 £tjN OO 281 
065 346 Pz'N 52 3 0 92 
099 309 BuN4 471 
115 395 529 525 
The Stokes' law radii for simple inorganic cation. 
(Table 2.2) are exactly as would be expected if the ions were 
electro.triotively hydrated, since their effective size in solution 
is greater than their crystallographic size, and the difference 
is more marked the smaller the ion or the greater its charge. 
This appears to give a direct measure of the hydration of the ion. 
However the values of r5 for the quaternary ammonium ions are 
lower than their 'true' size, and the deviation inorease as the 
ions become smaller. 	This observation casts doubt on the validity 
of 	law for small ions, as there is no explanation of these 
apparently excessive mobilities which is consistent with the model. 
Robinson and Stokes55 concluded that Stokes' law applies for ions 
whose radius is greater than about 5 is.. 
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It the hydrogen and hydroxyl ions are ignored, the maximum 
value of X for aqueous solution at 250  in about 75 equivalent 
conductance units. 	iC, Ti, N}I, C1, Br, f, NO3 , and C10, 
all lie in this region. 	It would appear that smaller ions are 
hydrated, and that this increases their effective size, while lone 
with greater crystallographic radii are more slow moving because 
they are intrinsically larger. The prospect of obtaining an 
estimate of the extent of hydration of the simple inorganic cations 
from their conductances therefore remains attractive, and Robinson 
and Stokes adopted the following procedure. 55 
If it is assumed that the quaternary ammonium lone are not 
hydrated - and it is certainly true that they have too low a 
surface charge density to cause electrostriotion (with the possible 
exception of Me 4 N') 8 ' 56 - their conductance values may be used to 
obtain a 'calibration graph' for tie relationship between the 'true' 
radius ad tie 3tokes' law radius. 	The 'true' radii of the 
hydr-ated ions may then be obtained from tneir Stokes' low radii. 
Robinson and Stokes obtained an approximate estimate of the 
hydration numbers by the assumption that the total effective volume 
of the Ion Is water of hydration (since the contribution from the 
ion Itself is negligible In comparison) and that this water has 
the ordinary volume of liquid water (30 1 3 molecule 1 ). This 
treatment has been extended by Nightingal., 8 who attempted to 
obtain a series of effective radii for lone In solution. 
Kay and his co-workers 20 ' 2' have dismissed this procedure 
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on the grounds that the basic assumption that the quaternary 
ammonium ions are unhydrated is invalidated by the effect or 
hydrophobic interactions. 	The lone may be thought of as Jiydrated, 
or as moving in a region of increased local viscosity, or both, 
and this exp].&i.na the lower mobilities of the large quaternary 
ions in H20 compared with the values in organic solvents, 21 
illustrated in Pig. 12.7. 	On the basis of an examination of 
Stokes' law, and of modification taking account of the 'dielectric 
drag' resulting from the finite relaxation time of the orientated 
solvent dipoles (Equation 2.9) they 21  concluded that the solvent 
continuum model is totally inadequate to explain the mobilities 
of Ions. 	Equation 2.9 shows the form of the Boyd-Zwanzlg 
modification of Stokes' law 
X () = p/[6fl'i(r + (;/i'3 )] 
	
(2.9) 
The constant C depends on the relaxation time, the viscosity, the 
dielectric constant and the limiting high-frequenoy dielectric 
constant. 	This equation is qualitatively correct, in that it 
predicts a maximum in the plot of ) as a function of radius, but 
the value predicted is 294 conductance units 22 rather than the 
experimental value of about 75 conductance unite. Frank 22 has 
shown that the only adjustment which is able to account for this 
discrepancy is the use of a 'local' viscosity rather than the bulk 
viscosity of the liquid, but he concluded that this approach was 
'pushing the continuum model too far'. Kay and his co-workers 2° 
take the view that no real advance in the understanding of the 
P-1 
processes involved in conductance may be achieved without taking 
into account the microscopic properties of the solvent and the 
detailed interactions involved in the conductance mechanism. 
One approach to this problem involves the use or a transition 
state theory. 57 The ion is considered to occupy an average 
equilibrium configuration within a cage of solvent molecules, and 
to be continually 'jumping' from one equilibrium position to another. 
The mechanism is characterized by an average jump distance L, and 
an associated activation energy. This model could serve as a 
basis for an approach to conductance which is more fundamental 
than the solvent continuum theories. 
It must be borne in mind that conductance measurements are 
concerned with a alight perturbation of the Brownian motion of the 
ions. A field of one volt per centimetre produces an average 
velocity in the direction of the field of lO to 10-4 cm aeo, 
whereas the Brownian motion produces entirely random movements, of 
the order of lOom 860 -1 , with extremely short path lengths. 	It 
in therefore quite remarkable that the Stokes' law treatment 
produces even qualitative agreement with experiment, and that the 
Onsager-Fuoss treatment of the concentration dependence of conduc-
tance (Sections 2.3 and 2.4) gives a satisfactory quantitative 
account up to moderate concentrations. In tact it seems likely 
that for quite some time to come the main interest in solution 
conductances will be concerned, from a theoretical point of view, 
with the improvement of existing theories of conductance, and 
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from a practical point of view, with a send-empirical correlation 
of the conductance parameters with other solution properties. 
As an example or this approach, the temperature dependence 
of the conductance-viscosity (Walden) product may be considered. 
An increase 20 in the Walden product with temperature In the range 
10-450C, for which measurements are available, Is shown by B%  N' 1 
and PrN 4 , and a decrease by Na', M%N' v Cl, Br, 1, K's , 
and Ca. For Li and EtN' there is little change in the Walden 
product with temperature. 	(see, In particular Ref. 20 0 Fig. 1). 
The first group are structure makers, and so their mobility 
increases 'more than 	as an increase in temperature breaks 
down the water structure. The second group are structure breakers, 
and so they show an *excess mobility' at low temperatures. As the 
temperature increases and there Is less structure in the solvent, 
the structure-breaking effect of the ions becomes less significant, 
and the mobility increase with temperature is less than would have 
been expected. The constancy of the Walden product for EtN' is  
consistent with the general conclusion that this ion is a borderline 
case. 	These observations are similar to the temperature dependence 
of other properties, including the viscosity B-coefficients, which 
was reported by Kaminsky 	(Section 1.3). 	There is, however, a 
conflict between temperature independence of the Walden product for 
the lithium ion and the considerable temperature dependence of the 
B-coefficient, the heat capacity and the apparent volume of this 
ion observed by Kaminsky. Thus the different experimental 
measurement lead to substantially, although not identically, the 
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same conclusions. 
The correlation of different solution properties of the 
lone studied in this work Is of particular interest, since they 
form an extended series over a narrow range in which solute-
solvent interactions are at a minimum. They may therefore serve 
as a convenient reference point in the assessment of the effect 
of solvent structural consideration and of eleotrostriotive 
hydration, on other ions. 
2.3 Concentration Dependence of Equivalent Conductance. 
Since A is the conductance of a solution per chemical 
equivalent of the solute, a variation with concentration of A 
implies either that the number of tree Ions Is changing, or that 
the mobilities of the ions are changing, or that both these 
processes are occurring simultaneously. Early measurements of 
solution conductances established that there existed a class of 
3oflg electrolytes for which the equivalent conductance varied 
with the square root of the concentration for dilute solutions, 
according to Equation 2.10 9 
ii = A0 - ao 
	
(2.10) 
where e is a constant. 
On the basis of the Debye-HUekel theory, Oneager was able 
to derive an expression for the coefficient In terms of the 
temperature, the viscosity and the dielectric constant of the 
solvent, and universal constants. 58  The expression obtained for 
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the concentration dependence is known as the Onsager limiting 
law. The coefficient, which will be represented by the symbol 
S,ia given by Euation 2.11. 
S=BiAo + 82 
	 (2.11) 
For uni-univalent electrolytes, the coefficients B1 and B2 are 
given1 by the expressions 2.12 and 2.13 
= ( e2/3DkT)[ qB/(l+q )] 	 (2.12) 
where B is given by Equation 1.1 4 , and q 
= 21F2B/611 i 	 (2.13) 
The Onsager limiting law therefore has the form 
A = A 
0 
- So  
The term B1 in Equation 2.11 arises from the 'relaxation 
effect'. 	In the absence of an external field, the ion is 
considered, according to the D.H.O. theory, to be surrounded by 
an ionic atmosphere, which is spherically symmetrical and does 
not exert a resultant force in any direction on the central Ion. 
When an external field causes the central ion to move from its 
equilibrium situation the symmetry is temporarily destroyed, and 
the ionic atmosphere exerts a restoring force on the central Ion, 
which persists until thermal motions and electrical forces allow 
the 'old' ionic atmosphere to decay and a 'new' atmosphere to 
build up around the ion in its new position. As this process has 
a finite relaxation time (of the order  of 10 - 	see in a 
solution of concentration 0001 mole litre- 1  YP the overall effect 
M. 
is that the ion experiences a retarding force, and the equivalent 
conductance is reduced from the value at infinite dilution. 
The coefficient B2 arises from the 'electrophoretio effect'. 
When an ion moves through a viscous medium it tends to drag with 
it the solution in its vicinity. Neighbouring ions therefore 
have to move not in a stationary medium but with or against the 
stream according as they are moving in the same direction as the 
first ion or oppositely. Since the ionic atmosphere around each 
ion is predominantly composed of ions of the opposite charge, the 
not result is that the ions, when moving under the influence of an 
external field, have toupstream'. Their velocity with 
reference to the bulk of the solution is therefore reduced, and the 
equivalent conductance is reduced from its infinite dilution value. 
The simplest expression for these two effects, based on the 
retention of only the first-order terms, is given by Equations 2.11, 
2.12 and 2.13. The Onasger limiting law (Equation 2.11) does not 
hold at concentrations much above 0001 mole litre -1 , even for 
uni-univalent electrolytes. There is, in tact, a fundamental 
uncertainty in the limiting law, in that the expression obtained 
for the electrophoretlo effect is based an the application of 
law to the motion of the shell surrounding an ion, a 
point which has caused the following comment:- 59 
"It seems to me that this is even lees realistic than the 
application to the motion of single ions, since the shell elements 
are composed of a loose distribution of cations, anions and solvent 
molecules, each with components of individual motion." 
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Many attempts, both theoretical and empirical, have been 
made to extend the conductance function to higher concentrations. 
There is no general agreement about the exact equation which 
incorporates the ion-size parameter and corresponds to the Debye-
Hicke1 equation, although many attempts to solve this problem have 
been made. A number of equations which include the ion-size 
parameter have been advanced, and these equations may be used to 
fit experimental results at concentrations beyond the range of the 
limiting law, with varying degrees of success. 
2.1. Conductance Bguationa for Higher Concentrations. 
As in the case of activity coefficients (Section 1.1), the 
addition to Equation 2.14 of terms in higher powers of the 
concentration enables the useful range of the equation to be 
extended. There are a number of ways in which such terms could 
arise, and the theoretical prediction of the coefficients of 
these equations is an enormously complex process. 
The first approximation that might be suggested, by analogy 
with the activity coefficient expressions discussed in Section 1.1, 
is the introduction of the ion sizes through the term 1 + Bao. 
An equation of this form has been proposed by Robinson and Stokes 
(Equation 2.15)601 
- [(B1A + B2 )/(l +Bao)}o 	(2.15) 
A similar equation'waa proposed by Leiat,60  which Is in fact 
identical with that of Robinson and Stokes except for an additional 
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factor in the relaxation term. 	Leist's equation is 
A = A - [(B1 , 0/(19qBao) + B2 )/(l+Bao1 ))o 	(2.16) 
Fernndez-Prini and Prue6° point out that these eauatione are able 
to fit experimental measurements with a precision of about O'l%, 
but that the values of the ion-size parameter which are obtained 
are unrealistically low, because of the omission of terms involving 
higher powers of the concentration. 
The most widely used of the conductance equations in recent 
years have been those developed by Onsager and Fuoss. A number of 
refinements to these have been advanced by Fuosa and his co-workers. 8 ' 61 
The general form of the equation is 
A = A0 - Sc + He log c + j 1 0 - 23/ 	 (2.17) 
There is some doubt about the validity of the J2  term in Fuoss's 
equation. 	At one time8 Its total exclusion was recommended, 
leaving an equation of the form 
A = A0 - Sc + Be log o + 310 	 (2.18) 
Later 61  its retention was advocated, and this has been supported 
by other workers. 19,62 Fuose has also proposed a correction for 
the effect of the solute on the viscosity of the solution. 8 The 
equation is of the form 
A = A0 - S+ Be log a + 	- 	-  (2.19) 
The coefficient FV  may be equated 
63  with the viscosity £-ooetticient 
of Equation 4.14. 	This assumes the validity of Stokes' law, and 







that the B-coefficient Is the dominant term in the concentration 
dependence of the viscosity. At best it may be regarded as an 
empirical correction. 
An alternative conductance equation, advanced by P1tta, 6 was 
largely Ignored until its superiority over the Fuoss-Onsager 
equations In fitting precise conductance results for hydrochloric 
acid and sodium hydroxide was demonstrated by Stokes and his co-
workers. 65,66  The Pitta equation may be expressed 60  in the form 
( 2 .17). 	In other words, the Pitta and Fuosa treatments agree in 
the form of the conductance equation, but differ in detail. For 
both equations, the coefficient S is that given by the Onsager 
limiting law. 	The coefficient E is also common to both treatments, 
having the form,  
E=E1A0 -E2 	 (2.20) 
The coefficients E1 and E2 may be expressed  by Equations 2.21 
and 2.22. 
El = (Be 2/l6EcT)(2Be2/3DkT)1n 10 	(2.21) 
and 	
2 = (Be /16DkT)B2 in 10 	 (2.22) 
where B 15 given byE4uation 1.4 and B2 by Equation 2.13. 
The terms J, and J2 may be expressed as 
The coefficients a are functions of dielectric constant, viscosity, 
temperature, the parameter a, and fundamental. constants. 	The 
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expression. for the Fuoss equation coefficients 8 '61 and the Pitts 
equation ooeftioients60 are given in Table 9.5(d). A detailed 
account of the differences between the Fuoss-Onsag.r and the Pitts 
approaches to the problem has been given by Pitta and his co-
workers. 67 A number of discrepancies in the Fuosa treatment are 
claimed. 	A comparison of the two treatments is difficult, because 
of the differences in the approach adopted by the two school., 
and a reasonable account of the origin or the terms in the equations 
may not be given without an extended discussion of the underlying 
theory. 	Pitts and his co-workers 67  criticise a tumber of details 
in the model used by Fuoss, and some of the mathematical approxim-
ations which are made in the derivations of the conductance equation. 
For practical purposes, the ultimate test of the conductance 
equations is the extent to which they are able to fit the precise 
conductance values which are available in the literature. A 
detailed examination of the performance of the equations of Pitta 
and Fuoss has been conducted. 6o  In aqueous solution, the Pitts 
equation was siiifioantly better in almost all oases. 	For 
potassium iodide in aqueous solution, the Fuoa.-Onsager equation 
was satisfactory only below OOO4 molar, while the Pitts equation 
fitted to within O'Ol% up to 0016 molar. There was a difference 
of O'l% between the values of A09 about ten times the experimental 
error in the individual values. The Puoss-Onsager equation was 
however apparently superior for results in methanol, while for 
potassium chloride In this solvent, the value of the ion-size 
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parameter given by the Pitts treatment was seriously lower than 
the sum of the crystallographic radii. The suggestion was made 60 
that for reasons connected with the mathematical approximations 
in the derivations, the Fuosa-Oneager treatment is more successful 
than that of Pitta in coping with a small degree of association 
without the Introduction of an association constant. 
2.5 Ion Association 
The apparently anomalous solution behaviour of quaternary 
ammonium salts has been mentioned several times in the preceding 
sections. 	A similar effect is observed in conductance measurements. 
The normal method for the analysis of conductance results is based 
on the derivation, by a least-squares procedure, of the values of 
A c) and a, in one of the equations 2.15 - 2.19, which most nearly 
represent the observed dependence of the equivalent conductance 
on concentration. 	For the quaternary ammonium salts, the ion-size 
parameters which are required are physically unreasonable: for 
example, Evans and Kay 63  obtained values of 2.4 for Me 4NCL1, 1.4 for 
MsUNI and 0.26 for Pr14.NI. 	Equation 2.19, with the J2 term 
omitted, was used, but essentially the same conclusions would have 
resulted from the use of other conductance equations, as discussed 
in Chapter 9. 	In other words, the ion-size parameters are not 
only impossibly low, but may also decrease with increasing ion size. 
This behaviour could be explained by the assumption that 
there is a small amount of association between the ions in solution. 
Inspection of Eivation 2.15 shows that the effect of finite ion 
size is to increase the value of the equivalent conductance. 	If 
two oppositely charged ions come together to form some kind of 
stable entity, their net contribution to the solution aonduotanoe 
is zero, and so the neglect of slight association leads to low 
values of the ion-size parameter. Evans and lay 63  therefore 
analysed their results by a three-parameter treatment to find an 
association constant, K (Section 9.1) in addition to A0 and a. 
Values of KA were obtained only for PrNI and Bu4NI, and even 
then the ion-size parameters remained impossibly low. 	It would 
appear that there is a fundamental defect in the theory, and that 
some aspect of the behaviour of large ions has not been allowed 
for correctly, since the equations are satisfactory for small lone. 
It is, however, possible that a difficulty arises from a 
similarity in the concentration dependence of the terms linear 
in concentration, i.e. those terms which include J and KA. 	The 
impossibility of the simultaneous determination of the dissociation 
constant, the ion-size parameter, and A0 for a moderately strong 
acid has been discussed. 68  The association constants obtained 
for the quaternary ammonium salts (Table 2.3) are of the order 
1-3 litre mole. The values of pK for these salts, where 
is the dissociation oonstant, are therefore leee than unity. 	In 
other words, they correspond to the acids for which a three-parameter 
treatment is unsatisfactory. 	One solution to this problem I. to 
supply ion-size parameters which are consistent with ionic dimensions, 
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and to analyse the conductance results for A0 and KA. 
A number of workers have adopted this procedure, and have 
shown that the values of X which are obtained, are reasonably 
consistent with the values required to explain the activity co-
efficients and the concentration dependence of ffv for the 
saits.171819 A few of the values are given in Table 2.3 
Table 2.3 Aesoolation Constants (K,/1 mole- 1 1 for Quaternary Salts 
Activity 	Cond. 
MeBr17 	124 	 1145 	142 
Et14NI 9 	 26 2'9 
Association may result from a purely electrostatic 'ion pair 
formation' between ions, an effect which was first postulated by 
Bjerrum to explain the deviations from Equation 1.3 of the 
activity coefficients of strong electrolytes. 23 It was assumed 
that ions separated by a distance less than a certain value, 4, 
are held together by ooulombio forces and form an ion pair which 
exists for a sufficiently long period of time to act as a kinetic 
unit in collisions with the molecules of the solvent. This is 
obviously a different process from, say, the dissociation or a weak 
acid - the stabilisation of the ion pair is ionic rather than 
covalent. 
The problem is to assign a value to 4. The choice will, in 
fact, be arbitrary, and it is likely that different experimental 
techniques will vary as to which ions are 	as members of an 
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ion pair. bjerruzn'e value 23 was based on the fact that there 
is a minimum in the probability function which describes the 
distribution of ions around a central ion. As the distance 
from the central ion increases, the attraction for an oppositely 
charges ion decreases, but the total volume at that distance 
increases. The two counteracting effects give a minimum 
probability of finding the given ion at a certain distance from the 
central ion, and Bjerrum chose this as the 'critical distance
f 
within which ions pairs were counted as associated. At this 
distance, the electrostatic potential energy has the value 2kT, that 
is four times the mean kinetic energy per degree of freedom. For 
uni-univalent ions in water at 250C, 1  the 	 distance' is 
357 I. On this basis, there should be no ion pair formation 
for the quaternary ammonium ions. 	There is however no reason 
to believe that the experimental method used will have not the 
maximum separation of ions counted as associated at this minimum. 69  
An equation for the formation of ion pairs has also been 
advanced by Fuosa, 70 and in supported by studies in different 
solvents. 61 v 71,72,73 Only ions which are physically in contact 
(i.e. at a distance a) are counted as ion pairs. 	The expression 
KA = 4 11 Na 3.xp(02/aDkT) )/3000 	 (2.25) 
is obtained for uni-univalent salts. 	This equation predicts a 
value of KA for uncharged molecules, which results purely from 
random collisions. For * tf, 1A  has a value of 016 litre mole 
(a dissociation constant of about 6 mole litre-1 ). 
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The Puoss function (Equation 2.25) provides at least a 
qualitative indication of the extent of ion pairing which results 
from purely statistical and electrostatic considerations. 
Significantly higher values of K A thexetore imply association of 
aotiie other kind. 	This conclusion is suggested by the association 
constants quoted in Table 2.3, as is discussed in Chapter 9. 
The concentration dependence of the equivalent conductances 
of certain long-chain ions varies considerably with chain length, 
and the experimental results have been explained in terms of 
dimerisation of the cations, and micelle tormation. 779 This 
suggests that the Interpretation of 'association constants' for the 
quaternary anssonium salts must be approached with caution. The 
evidence 1s discussed in Chapter 12, and it appears that the 
experimental results favour Diamond's 13 'water-structure enforced 
ion pairing' rather than the other models which have been advanced. 
14.6 
CHAPTER 3 
Apparent Mola]. Volume Theory 
3.1 Definition. 
The extensive properties of a pure substance may be 
conveniently expressed in terms of the value of the property per 
mole of the substance, that is, the molal value. Thus the total 
volume of the substance is its molel volume times the number of moles 
of the substance present. The thermodynamic equivalent in the 
case of solutions is known an the partial molal volume, the partial 
molel heat capacity, and so on, of the component of the solution 
which is being considered. Thus the partial molal volume V2 of 
a solute in solution is given by 
	
C) 	TOP - V2 
where V is the volume or the solution, n is the number of moles 
and the subscript 2 refers to the component which is considered as 
the solute. The partial molel volume of the solute is thus the 
rate of change of the volume of the solution with the amount of 
solute added, and for an infinitely large amount of solution, V2 
is the increase in its volume when one mole of solute is added. 
In practice it is often more convenient to consider the 
apparent mol..l volume, 	which is defined as 
=V 	(V - n 1V)/n2 
where the subscript 1 refers to the solvent, and V is the molal 
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volume or the pure solvent. This in equivalent to 
= ( 1/m)[((l000 + xnM)/d) - (1000/d 0 )) 	 (3.1) 
Experimental measurements of 	thus involve the determination of 
the molal concentration in (moles per 1000 g of solvent) and or the 
density, d, of the solution. 
The quantity ç is formally related to V as is a ratio of 
finite Increments to the corresponding differential coefficient. 
The two quantities approach identity as n 2 approaches zero. In 
other words, at infinite dilution, 
In tact it may be shown that 80 
= jiv + [(1000- oØ)/(2000 + 	 (3.2) 





3.2 Experimental Determination of iv 
The effect of experimental errors on the measured value of 
may be estimated as follows. 	Differentiation of Equation 3.1 
at constant density gives 
oi = [( M/d) - 	r J (c)m/m) 	 (3.4) 
The term in square brackets is independent of concentration, and 
is in general of the order, M to 11/2. 
Thus an error as large as O'l% in the concentration will 
generally produce an error in 	or lea. than 01 ml mole , and 
the effect 1s independent of concentration. 
At constant concentration, differentiation with respect to 
density gives 
= -I (1000/md2 ) + M/d 
wih :i1 OC appi'oxinted by the exp'eas1on 
...(.::;m) ad  
An error of 000 in d would cause an error or i ml mole- 1 in 
when m = 001. 
It is clear therefore that #v is not seriously influenced 
by ordinary experimental errors in the determination of concen-
tration, but for dilute solutions, and particularly for solutions 
sufficiently dilute to be discussed in terms of a limiting law 
slope (Section 3.4), the experimental errors in the determination 
of the solution density are magnified, owing to the presence In the 
denomixator of Equation 3.5 of a term in concentration. A practical 
limitation is therefore set by the accuracy which may be attained 
in the density measurements. 
For more concentrated solutions, say above 01 mole litre-
sufficiently accurate measurements may be obtained by the use of 
a pyknometer (Section 6.3). A precision of a few parts in 10 
may be obtained (Section 10.2). 	This technique is therefore not 
suitable for the verification of theoretical limiting law slopes 
(Se, 3e3tion 3.4), and may lead to extrapolation errors when the 
149 
salts deviate markedly from the limiting law. The experimental 
results of Wen and Saito 16 are in error for this reason, as is 
discussed in Section 3.4. 
Robertson and his co-workers 81 attempted to overcome this 
experimental difficulty by the use of an empirical extrapolation 
procedure. They observed that the solution densities of many 
salts may be represented by an equation of the form 
ddO +ARm 	 (3.6) 
Substitution in Equation 3.1 gives 
= M/d - 1000AE/ddo 	 (3.7) 
At intinie dilution, d = d0 , and 
=M/d4, - 1OOOAR/d 	 (3.8) 
Robertson and his co-workers 81 justify this procedure on the 
grounds that they were interested in relative values of 	for 
salts in H20 and D20, and that their conclusions would have remained 
unchanged if they had, for example, chosen to quote their results 
at an arbitrary concentration, while the experimental precision is 
too low to discuss the significance of the concentration dependence 
of ,ç. The substitution of Equation 3.6 in Equation 3.7 shows 
that a linear dependence of jiv on the molal concentration m is 
predicted, in accordance with the experimental observation of these 
workers. 81 	It seems likely that their results would show errors 
similar to those in the work of Won and Saito. 16 If Equation 3.14 
is valid, as is suggested by recent highly precise measurements of 
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jiv (see Section 3.4), it would appear that Robertson and his co-
workers have confined their attention to the region in which the 
term linear in concentration is dominant. 
Tiiff'erit 	':;f Equation 3.'- gives 
= 
.ttion 3.6, and substitution for 	A 1 , ILvas 
c9 = -(1000/md)cd 
Li3 is in fact very similar to Equation 3.5. 	iobertson t s method 
therefore allows the calculation of 91vo  from, in principle, a single 
density measurement. The uncertainty of ev obtained by this 
method is at the same order as the uncertainties in the values of 
calculated from the densities of the solutions. The method 
therefore has little to recommend it in comparison with the more 
conventional extrapolation procedure which is discussed in 
Section 3.4, and only serves to make comparison with the results 
or other workers more difficult. 
A more satisfactory approach is to measure the solution 
densities with higher precision. This is experimentally very 
difficult, since it is virtually impossible to determine solution 
volumes with a precision of about 1 p.p.m. Various techniques for 
the precise determination of solution densities are available, and 
have been used by different workers to obtain the precise values of 
the apparent molal volumes of electrolytes which have been reported 
recently. 
A Cartesian diver technique has been employed by Corki].l, 
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Goodman and Walker. 	A glass float, the top of which 18 a thin 
glass membrane, in loaded with sufficient mercury to give 
approximately neutral buoyancy in distilled water, and final 
adjustment is made by means or small glass beads fused to the 
bottom seal. 	A slight increase in the external pressure in the 
vessel causes the float to have neutral buoyancy in a position of 
unstable equilibrium. 	Once the float has been calibrated, the 
densities of solutions may be determined from the external pressure 
required to achieve neutral buoyancy. 	ork1ll and his co-workers 82 
calibrated the float both with solutions of potassium chloride for 
which precise values were available in the literature, and from the 
pressures required to re-poise the float in the same solvent system, 
when small platinum weights were added to the float. The results 
which are reported are not given in sufficient detail to allow a 
satisfactory estimate of the precision of the technique. The 
claim that V2 was independent of concentration is, however, 
surprising, since a range of quaternary ammonium salts, sodium 
n-alkyl sulphates, and n-alkyl sulphinyl alkanola (Rs0(CH2 )oH) was 
studied. The standard deviation of V2 was quoted as 3 parts in 103.  
In fact it appears that the experimental precision of the technique 
is of the same order of magnitude as that obtained by pyknometry 
(i.e. a few parts In 10-5 ). 97  
Hepler, Stokes and Stokes8 have developed a dilatomoter 
technique for the precise determination of apparent molal volumes, 
which does not require the precise measurement of the densities of 
extremely dilute solutions. A small amount of very concentrated 
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solution, for which 	is known from direct pyknometry, is added 
to a large volume of solvent by the use of an ingenious solution 
capsule. 	The value of 	for the new solution may be determined 
directly from the change In the volume on mixing, independent of 
the total volume of the solution, which Is only required for the 
calculation of the concentration to which the measured 4V applies. 
A precision of + 002 ommole in 	is claimed for the technique. 
This, of course, requires accurate temperature control - constancy 
to 00010C - and reasonably constant atmospheric pressures. The 
main difficulty in the technique appears to be in the manipulation 
or the solution capsules. 
Precise density determinations for dilute solutions have been 
obtained by Pranks and inith. 	A magnetic float was used, in a 
cell surrounded by a solenoid, and the density was calculated from 
the current, io , required to maintain the float in a stationary 
position. 	A precision of 1 p.pau. in the densities, and a precision 
of + 01 om 3mo1e 	in the value of if, are claimed. 
A differential buoyancy method has been used by Conway and 
his oo-workera. 81 	Two floats were attached to opposite arms of a 
balance, and the floats were immersed, one in the teat solution and 
the other in pure solvent. Densities reproducible to 3 in the 
sixth decimal place are claimed. 
The measurement of solution densities with iufticient 
accuracy to permit extrapolation to infinite dilution is thus a 
difficult task, which requires special apparatus and scrupulous 
precautions. When it Is known that the compounds under consideration 
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do not deviate markedly from the limiting law, a value of e.  may 
be obtained with reasonable precision by means of simple 




A thermodynamic approach to the meaning of 	has been 
given in Section 3.1. The significance of Ø may be pictured as 
follows. When a macroscopic body is immersed in a fluid it 
displaces its own volume of the fluid. 	It this principle was valid 
for particles comparable in size to the solvent molecules, 0 would 
represent the volume of one mole of the solute. 	In practice Ø Is 
found to be concentration dependent. This is due in part at least 
to interionio forces, and it Is therefore necessary to extrapolate 
to infinite dilution (Section 3.4), before an attempt is made to 
relate the values of the apparent molal volume to the size of the 
lone. 
Constant differences are obtained between the values of 
for pairs of salts with a common Ion, showing that the ionic 
contributions to p1° are additive. 	This is illustrated in Table 3.1. 
The values are taken from references 84 and 65. 
(ml mole) at Infinite 
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The values of the differences 0 (IC1)' 9((I-Sr ) and #(MeNK) 
obtained from the different salts are constant within the limits of 
experimental error, and appear to be in the order expected from 
ionic dimensions, since Cl -  < 	< I. 	However, small or even 
negative values of P(Vo may is obtained for certain salts. For 
example, Ø for UP in -31 ml mole-',  and for NaP is -36 ml 
mole. 	It is therefore obvious that even if Ao  is related to 
the size of the ions, this is not the only factor that is involved 
in the volume change on dissolution of an ionic solute. A detailed 
interpretation of the experimental results in terms or an appropriate 
model for the Interactions at a microscopic level between the ions 
and the solvent, is hampered by the absence of a function 
corresponding to the transport numoez' (Equation 2.3), so that there 
is no certain way of separating the ionic contributions to 
A 'conventional' scale has teen suggested by Owen and 
Brinkley, 86 on the basis of ,6 (H) = 00. This value is not too 
seriously different from estimates by other workers (Table 3.2), 
and has the advantage of making no claim to an exact theoretical 
basis. 
Faj ens and Johnson87 obtained ionic values of p1  on tbe 
assumption that 
= 	(al) = V° (H20) 
which they justified on the grounds that NH, in particular, and 
also Cl, could be expected to cause less disturbance than other 
ions on the isomorphic replacement of a water molecule, and that 
this supposition was supported by the reasonable similarity between 
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the thermal expansion of water and the apparent thermal expansion 
of ammonium chloride in aqueous solution. 
Conway and his co-workers 8 obtained an estimate of the 
apparent volumes of ions by the extrapolation of the apparent volumes 
of quaternary ammonium halides to zero cation weight. The validity 
of this extrapolation 1s however doubtful, as is discussed in 
Section 10.3. 
A quantitative discussion of the apparent molal volumes of 
ions in relation to ion size, has been given by a number of workers. 
The experimental results are explained in terms of the equation 86-91 
(ion) = V0 - 	 (3.9) 
where V° is the intrinsic volume of the ion and V is the volume 
lose through electrostriotion. V 0 is assumed to be a function of 
the ionic radius, r0 , and V e  a function of z2/r 4,, where z is the 
charge on the ion. An equation of the form 88-91 
#(i0n) = Cr0 3 - Dz ' /r0 	 (3.10) 
where C and D are empirical or theoretical constants, is obtained. 
Stokes and Robinson, 88 on the assumptions that V is zero for 
chloride, bromide and iodide ions, and that V0 Is proportional to 
arrived at the conclusion that C has a value which corresponds 
to close packed spheres of radius r 	 80 . H.pier assumed that 	for 
the chloride ion6 is 10 ant3, and fitted the experimental results 
from the literature by the use of different values of C and Dv 
for cations and anions. The latter procedure Is reasonable, on 
account of the different orientation of the solvent dipoles around 
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anions and cations. 
On the other hand 4ikerjee, 90 and Benson and Copalsnd, 91 
assumed that the values for cations and anions should lie on the 
same curve. 	Makerjes90 adjusted the coefficients C,, and Dv to 
obtain this condition for the large ions. Benson and Copeland 91 
attempted a theoretical analysis of oleo trostriotion. and hence 
derived an expression for V. 
The equations derived in references 88 to 91 have all been 
criticised by Glueckauf, 92 who argued that neither V0 nor V e  should 
be a simple function of r0 , the ionic radius. Unless a solute 
ion has an Intrinsic volume identical with that of a water molecule, 
simple isomorphic replacement is not possible. The open structure 
of water dictates that the ion will be surrounded by a 'lead space' 
caused by Inefficient packing, and this space is not proportional 
to the volume of the Ionic sphere (as assumed in the Cr term) but 
is related to its surface. 	Glueckauf represented the 'dead space' 
by a hollow sphere of constant thickness. This led to an equation 
or the for 
Vo = (4/3) 11 (r0 + c)½ ='2'52(r0 + i) 3cm3mole. 
In this equation, a has the value 
(3 	1/3 - r 
	0' 55!, 
/  
since a molecule of the same radius as water must substitute iso-
morphIcall (and rw are the molal vulume and radius for water). 
Glueckauf also criticised the formula 
V  = Dz2/r0 
57 
and replaced r0 by i, the distance from the ion to the nearest 
point on which the electrical charge on the ion can act with a 
force, i.e. the distance from the ion centre to the dipole centre 
of the first layer of water molecules. 
In a late paper, Glueokaut93 has extended his treatment to 
include a detailed consideration of the successive water layers 
surrounding the ion, and to consider the effect of water structure. 
He derived an equation which gives good agreement for the alkali 
metal ions over the temperature range 25-200 0C, between calculated 
values of 	and 	 wluee based on the calculation, of 
1(Cl). 	Qualitative agreement is obtained for the alkaline 
earth ion., and poor agreement for anion.. 
A selection of the values of 	for some ion, obtained by 
these workers is given in Table 3.2. 
Table 3.2. Apparent Mola]. Volumes of Ions [(ion)/ml mole 
C1 Br 
Owen and Brinkley 86 OeO 181 25'0 266 
Fajana and Jobn.on8 02 180 2.5.1 36 4 7 
Conway and oo-workera 8 236 309 422 
Stokes and Robinson88 -724 2531 32s2 3  4385 
Glueokauf 92 2233 
?iikerjee9° -15 223 292 40- 8 
From the above discussion it may be seen that even for the 
simple monovalent ions the detailed interpretation of e. is still 
an open question, and Table 3.2 shows that exact agreement on the 
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ionic values of 	has not yet been reached. 
A further complication must be considered in the case of 
quaternary ammonium ions, the possibility that the hydrocarbon 
chains may tit into 	in the water structure and hence 
occupy a smaller volume than would have been expected. This idea 
Is supported by the results of (lops]. and SIddiqI43  (Section l.L) 
although not by these workers themselves. They showed that the 
apparent molal volumes of quaternary ammonium halides Increased 
with temperature. 	In comparison with Glueckauf's values 93 it is 
clear that part of the increase observed by Gaps]. and Siddiqi is 
due to the effect of quaternary ammonium ion. 	In particular, 
tetrabutylammonlum iodide showed an apparent increase of about 
35 om 3mole over the temperature range 25-80° C, whereas the 
corresponding figure for the iodide ion (by a rough Interpolation 
on Glueckauf"s graph) is 3 cm½ioie. This provides clear evidence 
for an apparent increase in the volume of the tetrabutylamnioniuni 
ion. The increase In volume with temperature is greater the 
larger the cation, for the four cations I4e 4N, E'tN, Pr 
4
Nand 
the order expected If the picture of hydrophobic hydration 
of Nnethy and Sctioraga, 38 	 , and of Wen and Saito 16 Is correct. 
The observation by Wen and Saito 94 o l6  that the value of 
for (HOC2H 1NBr is 1769 ml mole and that for Et 14NBr is 1753 
in]. mole 1', has not been explained. 	It could be argued that the 
difference is due to the structure-breaking effect of the -OH groups 
which favours the less bulky monomeric water. This is in direct 
conflict with the picture of overall economy of space through the 
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hydrophobic hydration of the cation which is discussed above, and 
this indicates that trio model is not yet able to explain all the 
experimental results. Further discussion of this point is given 
in Chapter 12. 
However, the volume change per CR2 group in a homologous 
series of quaternary ions, may be interpreted with a considerable 
degree of certainty. 	Conway and his co-workers 814 related the 
partial molal volumes of two quaternary salts R J NX and R1'NX to their 
molecular weights by an equation of the form 
V° 	=V° ' 	- b(&n.w.) R4NX 	R14NX 
and this treatment was extended 95 to the series:- 
Symmetrical R 14N (R = Me, Et, Pr, Bu, Am) 
(R = CR
39 
 ti = Op 14) 
(o) Pyridine-HC1; 2-Me-Py-HC1; 2,6-diMe-Py-UC1 
(d) lN)e-?j%rid1riium; 1,2,6-triMe-Pyridinium 
In each series the ions in fact differ only in the number of -CH 2 
groups in the ion, so that the apparent molal volume of an added 
-CR2 group is 14.b ml mole- . 	The results are quoted In Table 3.3. 
Table 3.3. Relation Between Ionic Volume and Ionic Weight 95 
Series 	 Slope b 	 Volume per -CR2 Group 
0m3 g cm3 mole 
1115 	 1561 
1284 1798 
1 0 277 	 1788 
11145 16'03 
The results in Table 3.3 were explained as follows. 95 The co-
ordination of the nitrogen stan remains unchanged in series (a), 
and therefore the slope b corresponds to the specific volume of 
added CR2 groups, since eleotroetriction will be negligible. For 
the series (b), (c) and (d) the environment of the nitrogen is changed, 
and the difference of slope represents the effect of the changing 
degree of hydration due to steno effects, or changes of co-ordination. 
The ditferenoe is largest for series (b), in which progressive 
direct blocking of hydration occurs as 11 —Li.; less for the 
series (a) where secondary steno effects are involved; and least 
for series (d), where the N ' centre Is similar to that in series (a) 
but more accessible to the water. 
3.4. Concentration Dependence of 
A limiting law for the apparent molal volumes of electrolytes 
may be derived directly from the Debye-Hiokel expression for the 
activity coefficients, and a cion limiting slope Is obtained 
which is valid for all electrolytes of the same valency type, over 
the range of concentration far which the Debye-Hückel law holds. 
This was first shown by Redlich and Rosenfeld. 	The derivation 
is based on the thermodynamic relationship 
72 - 2 	- 	)/aP1.2 = 2RT(äln t,JaP).. 	(3.11) 
for uni-univalent salts. The factor 2 corresponds to the formation 
of two ions. 	abstIution of the Jebye-Hoke1 limiting law 
(Equation 1.1) and differentiation gives 
V2 - 	= [2303 RT A(3&nD/ôP)]c 
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where 0 is the compressibility of the solution. 
From Equation 3.3, it follows that, since c9iç./8c)  is 
known experimentally to be approximately constant 
(aV,/aJ) 	3, 
Hence the limiting lai relationship between 0v and concentration 
has the form 
øfv = +Svc 	 (3 , 12) 
where S is given by 
Sv = N22(8U4OOOD3RP)[ ä(lnD)/äP - /3j (3.13) 
The calculation at Sv for different solvents and at different 
temperatures, is limited by the lack of precise knowledge of the 
pressure dependence of the dielectric constant. Experimental 
verification of the theoretical slope I. difficult because of the 
problems Involved in the measurement of jiv at concentrations 
sufficiently low for the Debye-Hüekel limiting law to hold (Section 
3.2). 	Logically,, the theoretical discussion of the concentration 
dependence of 	should be developed by the use of an extended form 
of the D.bye-Hiokel equation for the activity coefficients. Rarned 
and Owen2 showed that the substitution of Equation 1.5 in Equation 
3.11 leads to the addition to EquatIon 3.12 of a term linear in 
concentration. The equation may be written 
(3.lL.) 
where the coefficient 3 has the form 
iaX+W, SB  
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The coefficient S,, is given by Equation 3.13, and B by Equation 1.4 
The term W, depends on the pressure derivative of the ion-size 
parameter, and Kv is related to the pressure derivative of the b-
coefficient of Equation 1.5. The latter two quantities are un-
known, and so experimental verification of the theoretical concen-
tration dependence of 	is restricted to the limiting law, 
Equations 3.12 and 3.13. 
The values of Sv for ions of different valency types at 
various temperatures in aqueous solution, have been calculated by 
Redlich and Mayor. 98  For uni-univalent electrolytes in water at 
2500 the value of s is given as 
18E8 ml moie_3'21_ 	 (3.16) 
Recent precise 	 of 	have shown that there 
is good agreement between the theoretical and the experimental 
values of Sv for salts of different valency types and over a wide 
temperature range. These studies have included measurements on a 
number or quaternary ammonium saits.' 8 
The limiting law holds up to a concentration of approximately 
0l mole litre for simple salts like sodium chloride, potassium 
chloride and te tram ethyl ammonium bromide, whereas tetrabutylammonium 
bromide shows significant deviations at concentrations above about 
001 mole litre- 1.  The effects which are not accounted tr in the 
limiting law, and which lead to deviations at higher concentrations, 
may be 'mopped up' by the use of an empirical coefficient j in 
Equation 3.14. 	While j in an 'oninium gatheruin', it is possible to 
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establish a qualitative correlation with other properties or the 
lone, or particular interest is the observation that the halides 
of the large quaternary ammonium ions give negative j coeftic-
i.nts,6' 41a 84,9 85 although they obey the limiting law in dilute 
solution)4' 85 Simple salts like NaCl and KC1 tend on the other 
hand to give small positive j coefficients. 
The concentration dependence of the apparent volumes of the 
larger tetra-alkylammonlum salts is sufficiently striking to be 
considered further. Of the trme In Equation 3.15, the term 
which Includes all the interactions which are not covered by the 
Debye-Hüekel theory, is almost certainly the source of the 
behaviour of the quaternary salts. In particular, a 
number of workers have explained the concentration dependence of 
the volumes of large quaternary lone In terms of solvent structural 
	
1 11J2 L 	Won effects. 	 wa  and Salto explained the negative slopes 
by the assumption that, when the solution is sufficiently concen-
trated, there is a cooperative formation of f1iØjflg  clusters' 
of hydrogen-bonded water around the hydrophobic sld.ohaine of 
different cations, with an overall reduction In volume due to 
clathrate-like hydration of the hydrophobic groups. The tact that 
at high concentrations the apparent volumes of the salts begin to 
increase, is taken as an indication that there is no longer 
sufficient water to form the hydration 'cages', and the structure 
begins to collapse. 	Support for this concept of cation-cation 
interactions has been advanced on the basis of the obeervation 91 
that tetra (hydroxyethyl)ammonlum salts give positive values of the 
64 
j-ooefficient, whereas the corresponding tetraethylammonium salts 
give negative values. 	It appears that the hydroxy groups Inter- 
act with the water structure to prevent 'hydrophobic hydration'. 
Incidentally, this difference in the concentration dependence of 
jiv for these salts accounts in part for the similarity of 	for 
EtNBr and (HOC2H) 1 NBr which was observed by Wen and Saito, 16 ' 
since these workers studied solutions in the concentration range 
for which the j-coefficient term of Equation 3.14 dominates the 
coicentration dependence of dv. This led to a value of ev for 
EtNBr which is higher by 1 ml mole than that obtained by Conway 
and his oo-workere, 81 and it is obvious that there will not be a 
compensating error in the value of XV0 for the hydroxy-ion. 
This concept of 'hydrophobic interaction' or 'hydrophobic 
bonding' between the cations is by no means universally accepted. 
Hepler, stokes and Stokea 8 state that the concentration dependence 
of 	for MSLNBP, in conjunction with activity coefficient 
behaviour, is an indication of association. Wirth 17 has shown that 
association constants which explain the concentration dependence 
Of 	for quaternary ammonium salts are in reasonable agreement 
with values required to explain activity coefficient and conductance 
results. 
Two explanations have also been advanced for the increase in 
jiv on the formation of micelles. 82 It may be argued that the 
volume reduction which is caused by the clathrate-like hydration of 
long hydrocarbon chains is lost on micellisation, when the chain 
is transferred to a hydrocarbon environment. On the other hand, 
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the chain may be onpreeeed and coiled in aqueous solution to 





The absolute viscosity of a fluid in defined as the force 
per unit area required to maintain unit difference in velocity 
gradient between two parallel layers of the fluid which are unit 
distance apart. 	Hence the absolute viscosity, ti, is a proportion- 
ality factor between the shear stress and the velosity gradient, 
and is usually termed the coefficient of viscosity. 
The relative viscosity is the ratio of the viscosity or 
a solution to that of the pure solvent under the same conditions. 
'1rel 
The specific viscosity is the ratio of the difference 
between the solution and solvent viscosities to the solvent 
viscosity. 
,(nn)/ =1 	-1  ap 	o' i o 	rel 
Studies of the viscosities of solutions are generally 
concerned with the relative (or specific) rather than the absolute 
viscosities. 
4.2 Experimental Determination of Viscosity. 
The normal method for the measurement of the viscosity of a 
solution is based on a relationship between the rate of flow of 
the liquid through a capillary tube and the dimensions of the tube. 
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In a capillary viscometer (Fig. 8.1) the viscosity of the solution 
is related to the radius r of the capillary, the mean height H, the 
solution density d, the efflux time t, the volume V and the length 
I ' t;e ci11ry br te Pozmula 3 
II r 4iIgdt/8V1 - mdV/8 tI it 
	
(L.3.) 
g is the acceleration of gravity and in is a numerical coefficient, 
of the order of unity, which takes account of the shape of the 
capillary ends. 
The last term tn Equation 4.3 is the 'kinetic energy 
correction' which arises because some energy is required to accelerate 
the liquid from rest to the velocity distribution characteristic of 
the liquid in the capillary. This term is a significant correction 
for most visoometers. 	In practice, however, the main interest In 
viscosity measurements is the interpretation of the values of the 
relative viscosities of solutions, and when the efflux times of 
the solutions are very similar to that of water, the kinetic energy 
correction may effectively disappear by cancellation from the 
relative viscosities. 	Equation 4.3. has the form 
n = 01 (dt) - C2 (d/t) 
	
(L.4) 
If the density of water is written as d0 and the efflux time 
as to , 
[dt/d0 t0 ][ (1-c 3/t2 )/(l-c 3/t02 ) J 
where C3 = C2 /01 . 	Hence, to a first approximation, 
n/ro = [dt/d0t0 }[l-c 3 (l/t2 - 1/t02 )} 	 (4.5) 
The approximate formula 
= dt/d0t0 	 (.6) 
9 
is reasonable it t and to  are almost identical, which occurs 
when 	d/d(,. 	The percentage error in 	which results 
from the use of Eluation 14.6 is given by 
error = 100C3[(1/t2) - (1/t 02 )] 	(14.7) 
By inspection of Eation 14.3, 03 has the value 
2 = mV  
The order of magnitude or (4.7) may e e8tizaad oy txe 
approximation, from Equation 4. 3, 
l/t = (d/). (tI r 44 Hg/8V1) 	 (4- 9) 
The substitution of Equations 14.8 and 14.9 in Equation 14.7 gives 
error 	102 (g/614).m.(r 14H/12 )[(d/Y 2-(d0 0 )) ( 14.10) 
An examination of Equation 14.10 shows that the error which 
results from the neglect of the kinetic energy correction may be 
reduced by the variation of the dimensions of the viaoozneter in 
the term, r'1411/l2 . 	Consequently a capillary with a tine bore 
should be used, although there are practical limitations in that 
undue sensitivity to dust particles must be avoided. The iisoo- 
ieter dimensions H and 1 may be varied independently when an Ostwald 
viscometer is ueed, 3 ' 1 but are obviously related for an Ubbelohde 
viscometer, such as that described in Section 6.1 and shown in 
Fig. 8.1. 	The claim by Stokes and I4ill. that the kinetic energy 
M. 
correction may be reduced by the use of a small efflux volume, 
which is suggested by a superficial examination of Equation 4.3, 
is clearly Incorrect. 	It is In fact Intuitively obvious that 
the rate of flow of a solution through a viscometer depends on the 
radius and length of the capillary and on the mean height, H, which 
determines the pressure, but Is independent of the volume of liquid. 
• 	The only other quantity In Equation 14.10 which might be 
varied is the empirical factor rn, which depends on the shape of the 
capillary ends. It has recently been shown by Caw and Wylie (sea 
Ref. 3) that the kinetic energy correction may be dramatically 
reduced if flared capillaries are used. 	It is proposed 3 that 	this 
effect results not from a change in the value of rn, but rather from 
a change In the form of the kinetic energy correction term, which 
leads to a fourth-power dependence on the reciprocal of the efflux 
time, so that Equation 4.4 is replaced by an equation of the form 
I = C1 (dt) - C(d/t4 ) 	 (4.11) 
Clearly, the kinetic energy correction is negligible in this case 
for the rates of flow which are of Interest in solution viscosity 
measurements. 
The kinetic energy correction may therefore be eliminated 
by a suitable viscometer design, or, failing this, by calibration 
with liquids of known viscosity, to find C 1 and C2 in Equation 4.4, 
or by a calculation based on buation 4.3. 
The precise determination of the relative viscosities of 
solutions is therefore in principle very simple, since it Involves 
the measurement of the efflux times for the solutions and for the 
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pure solvent, and of the solution densities. 	In practice, how- 
ever, this simplicity is apparent rather than real. The 
theoretical interest in solution viscosity measurements is generally 
based on the Interpretation of the specific viscosities (Equation 
4.2) rather than the absolute viscosities of the solutions, and so 
the uncertainty in the results is of the same order as the precision 
of At = t - t 0 , rather than that of the individual efflux times. 
Thus, for example, an error of 002 in the efflux time for a 
solution which contains 001 mole litre of Ne 14NI leads to an 
error in the specific viscosity of the order of 20% (Section 11.2). 
The technique is therefore extremely sensitive to email experimental 
errors, and it is essential in particular to exclude dust tram the 
capillary, and to keep the glass surface scrupulously tree from 
grease, by a suitable cleaning procedure, such as that described 
in Reference 101. 
Anomalous results have been reported by Kay and his co-
workers, 50 for the viscosities of solutions of some large quater-
nary salts. 	Certain salts produced a considerable increase in 
the flow time even when the solutions were almost infinitely 
dilute. An empirical 'flow time correction' was applied for 
these salts, on the assumption that the increase in flow time 
between water and an almost infinitely dilute solution could be 
treated as a constant error in all other measurements involving 
the same salt (section 8.2). 	This illustrates the difficulties 
Involved in the precise determination of solution viscosities. 
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43 Concentration Dependence of Viscosity 
In vary dilute solutions, a linear relationship between 
the specific viscosity and the square root of the concentration 
of electrolyte is observed (Equation 4. 12 ) 
(L.l2) 
Equation 4.12 is similar to the limiting equations of the D.H.O. 
theory, and In fact a theoretical expression for A based on the 
interionio attraction theory has been derived. The results of 
the treatment of the problen by FalKenbagen and his co-workers, 
and by cieager and Fuoss, may be represented, for uni-univalent 
electrolytes, by the equation  
(B2,32o)(n 0,x:x;)[l_o . 6863 (X+ + 	 (4.13) 
The symbols in Equation 4.13 have their usual significance. 
The mathematical basis of the derivation, as for all 
irreversible processes, is complicated, and only a qualitative 
account is given here. 	In an unperturbed solution, each ion is 
surrounded by an atmosphere which possesses spherical symmetry. 
When the solution in flowing through a capillary viscometer, a 
linear velocity gradient in produced, which tends to deform the 
ionic atmosphere. The electrostatic forces and thermal motion 
tend to restore the atmosphere to its original form, and, since 
the relaxation time is finite, an ellipsoidal distribution persists. 
The restoring force may be considered as an addition to the shearing 
force necessary to maintain flow, and the solution viscosity is 
increased over an equivalent solution of uncharged solute. The 
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conductances appear in Equation 14.13 because the relaxation time 
of the ionic atmosphere is related to the mobility of the ions. 
Agreement between observed and calculated values or A v is 
good. This may be illustrated by reference to Table 4.1 9 which 
contains a selection from the values given by Stokes and Mills. 3 
Table 4.1 Observed and Calculated AJ(l mole - 1 0 for NaC1 3 
P/°C 	 A (Exptl.) 	 A. Theor.) 
12-5 	 00058 	 00058 
15 	 0-0058 	 00059 
25 	 00062 	 00060 
35 00065 	 00062 
425 	 090071 	 0-0064 
In fact the experimental determination of A is difficult, since 
the term proportional to concentrations By  in Equation 4.14, 
generally dominates the viscosity of solutions. 	For this reason, 
extensions of the limiting law which contain the ion-size parameter 64 
do not produce a aiifioant improvement. 3 
The viscosities of solutions are normally discussed in terms 
of the empirical Jones-Dole equation 102  
1 + AV C + Bv c 
	 (4.14) 
The coefficients A and B may conveniently be obtained from 
a linear plot of the function i, defined by the equation 
= [('i -' o )tn0 	= A v + vCi (4.15) 
against the square root of the solution concentration. 
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The 'viscosity B-coefficient' is of particular interest 
in the disutiselon of electrolyte solutions. 
4.4 Viscosity B-coefficient 
The dominant term in Equation 	in generally the 
_Ø5ffjØj5fll1 B,. 	For example, the viscosities sodium 
chloride and of cesium iodide in aqueous solution at 25°C, may 
be represented as follow93 
NaCl: 01 	1 + o'oo62o + 0'07930 	(4.16) 
CaI:n 51 = 1 + 000390 - 001180 	 (4.17) 
The terms Ao and B ve have equal magnitude for NaCl when 
c = 0006 mole litre- is and for Cal when a = 0001 mole litre- 1. 
Thus the relative viscosities of most electrolytes show a marked 
linear variation with concentration in moderately concentrated 
solutions. There is as yet no general theory for the 
B-coefficient, and so the discussion of the B-coefficient is 
limited mainly to empirical observations. 
Additivity of the B-coefficients is indicated by the 
fact that constant differences are obtained between pairs of 
salts with a omon Ion. This is illustrated in Table 4.2. 
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Table 4.2 Viscosity B-coefficients 3 (B/1 mole-1) 
Cl- 	 c1_ - 
Na 	 00793 	0.018 	00613 
K 4 	 -0'0110 -00755 	00615 
	
00933 	00935 
There is no absolute way of splitting the B-coefficients into their 
tonic components - there is no function corresponding to the 
transport number in conductance measurements. Kamineky 31 oDtairled 
ionic values of the i-coefficient on the assumption that the 
contributions of K and Cl -  to the i-coefticient of KC1 are equal 
over the temperature range 15 - #5°C. 	This assumption is 
reasonable since KOl has a small i-ooefficient and the mobilities 
of the potassium and chloride ions are approximately equal over the 
stated range. The relevance of these criteria will become apparent 
from the following discussion of the B-coefficient, in conjunction 
with the discussion of ionic mobilities in Section 2.2. 
A number of systematic trends in the experimentally 
determined B-coefficients of ionic solutes have been observed, when 
different solvents and a range of temperatures are studied. 
(a) Negative B-coefficients are confined to highly associated 
solvents at fairly low temperatures. 	These tendencies are 
illustrated by the values quoted3 in Table 4.3. 
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Table L.3 Dependence of B-coefficient on solvent and temperature 3 
C113011 d20 1120 112 0 1120 
25
0
C 25 0C 30° C 40 0C 42 - .50C 
101 	07635 	-0'0140 	-00020 	 00242 
KBr 	073% 	-00490 
II 	067147 	-00755 	-00604 	-00390 
NaCl 	 00793 	 00962 
(b) For ions within a group in the periodic table, the 
B-coefficient varies inversely with ion crystal radius. The 
smallest ion generally produces a large increase in viscosity, 
while large ions give small or even negative B-coefficienta, 
	
(Table 	The tetra-alkylarnmonium ions have large positive 
B-coefficients, which increase with ion size. 50 
Table L.Jj. Ionic B-coefficients and Apparent Voluznea 3 ' 86 





B/1 mole 01495 00863 -00070 -0-045 03852 0586 
Ø/ml mole -1  -10 -15 87 211 -201 	-383 
(a) With increasing temperature, small B-coefficients 
increase and negative B-coefficients become positive (Table 4.3) 
Small tone like Li+  and Mg 2+  show a decrease in B. and the same 
effect is observed for large quaternary ammonium ions. A strong 
correlation has been observed between the temperature dependence 
of the B-coefficient and of the oonduotanae-viaooaity product for 
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some monovalent anions and cation.. 3 
Although there is no general theory for the B-coefficients, 
these observations may be discussed in terms of ion-solvent Inter-
actions. 	As a starting point, the behaviour of particles which 
are large in relation to the solvent molecules may be examined. 
On the assumption that the particles interfere with the stream-
lines of the flow pattern of the medium, Einstein derived the 
expression1 ' 3 
'rel = 1 + 25 
	
(14.18) 
where 0 is the 	 expressed In terms of the volume 
fraction occupied by the particles. This result holds for 
spherical particles which occupy very small volume fractions, 
that is, at high dilution. A later refinement of this theory, 
which takes account of higher concentrations of the particles, 
where the flow-patterns around neighbouring particles may no longer 
be treated as Independent, has the form, for spherical partiolea,193' 3 
(Li.l9) 
where Q is an interaction coefficient. This expression reduces 
to the form (14.18) in the limit or small 0. 	The validity of these 
relationships has been demonstrated with suspensions of small 
polystyrene latex spher.a 1014 (radius oa. 1300 £). 
Prom the definition of 9L given in Saction 3.1, it is obvious 
that the relationship (14.20), where XV Is expressed in litre mole -
and c in mole litre 1 , is nominally true 
= C Xv 	 (14.20) 
and a comparison of Equations 14.14 and 14.20 suggests that the 
B-coefficient should have the value, when 	is expressed in 
litre mole 1 , 
Bv  - 25 Ø 
	
(14.21) 
Fuoss and his co  -work era 5lO6 have demonstrated the validity of 
this relationship for large quaternary ammonium salts in aceto-
nitrile. Smaller ions 105  gave B-coefficients significantly 
larger than those expected from their volumes (Equation 4.21). 
Inspection of the values of B v and #v for salts in aqueous solution 
reveals a very different situation from that predicted by 
Equation 4.21. This may be seen clearly from Table 14.1, where there 
is an inverse relationship between B and s1.  This effect, 
however, is readily explained in terms of hydration. Vuile eleotro-
striation produces a volume reduction (Section 3.3) a larger 
kinetic entity may result. 	The B-coefficient should therefore be 
related to the effective hydrated volume of the ion rather than 
to its apparent volume. 
Isono and Tarnsmus!i1107 obtained a reasonable correlation 
between the B-coefficients and the hydrated volumes for a lsrgo 
number of salts. The hydrated volumes were estimated from 
hydration numbers obtained by independent methods. These 
observations are discussed in Section 12.2. 
The large quaternary ammonium ions, Pr 4 N and 
BuN+,  have 
large positive B-coefficients (1092 and 1396 litre mole 
respeotively). 3 Since these ions may not be spherical it is 
impossible to estimate the values 'expected' from the size of the 
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ions, but it seems likely that the experimental values are 'too 
large', an observation which is consistent with the concept of 
hydrophobic structure promotion. This tentative conclusion is 
supported by the temperature dependence of the B-coefficient for 
the quaternary ammonium ions. 50 With increasing temperature, the 
B-coefficients vary as follows:- 
increase; Et1 N', little change; PrN and Buw', decrease. 
This behaviour exactly parallels the temperature coefficient of the 
Walden product for these ions, and may be explained in the same 
way (Section 2.2). 
As was mentioned in Section 1.3, the temperature dependence 
of the B-coefficient for simple inorganic ions, is in agreement 
with the classification of the lone as 'structure breakers' and 
'structure makers'. 	Support for this interpretation of the B-oo- 
efficient may be derived from the correlation observed by 
Nightingale 8 between B,, and the partial molar entropy of hydration 
for ions. A single linear plot was obtained for monatomic and 
polyatomie lone. No attempt has however been made to derive a 
quantitative explanation of this relationship. 
A more detailed examination of the relation between the 
B-coefficient and ion-solvent interaction, based on the theory of 
absolute reaction rates, has been advanced by Nightingale. 56 The 
activation energy for viscous flow, AE, calculated from Equation 
4.22, is compared with the B-coefficient 
AE = R[dln" O/d (lfl)) + [ R/(l + c) lld(l + 5C)/d(l,fl)J (L..22) 
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Four classes of behaviour are detected. These correspond to 
the three so far mentioned - electro strict ive hydration, for 
which both B and AE are positive; structure breaking, for 
which Bv  and AE are negative; and hydrophobic hydration, for 
whion B and AE are positive - together with another class i*iieh 
have a positive B 
V 
but a negative E. The latter class includes 
Ba 2+, OH- and MsN 9 . Nightingale attributes this behaviour to a 
small degree of hydration which increases with temperature, an 
unlikely situation 'which is attributed to the tact that water 
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For the conductance experiments, laboratory distilled 
water was daioniaed with Amberlit. I4onobed Ion Exchange Resin 
MB-1 (B.D.H. Ltd.). 	For the viscosity measurements, laboratory 
distilled water was used without further purification. 
5,2 Nitrogen 
White Spot nitrogen (B.00. Ltd.) was used for flushing the 
conductance cell. To remove any acidic or basic impurities the 
nitrogen was first passed through concentrated sulphuric acid and 
through a tower which contained 'Sofnolite' self-indicating soda 
lime. 
5.3 Potassium Chloride 
A sample of potassium chloride purified and analysed in this 
department by Dr. D.G. Smith 108  was used an a conductance standard. 
The chloride content, determined by gravimotric analysis, was 
47'57 + o'Oi%. The theoretical value is 47557%. The pH of a 
0'1 molar solution of the purified salt was 63. 
5.4 Quaternary Ammonium Salts 
Tet rams thylaxmnonium Iodide and tetraethyl ammonium iodide 
was obtained from B.D.H. Ltd. Other salts were supplied by 
Table 5.1 Purification and Melting Point351 of salts 
Code Salt Solvent * N . P . /0C* 
 Me NI H 0 > 3500 
 EtNMe 3 I 
2 
MeOH 310 	d 
 Et2NMe2 I 3:1 EMK:EtOH 3040 d 
 Et NMeI EtOH 307-80 
 Et 1 NI EtOH:trace H2 0 300 	d  
Me 2 1 2:1 EMK:EtOH 
3500 
L.:l EMK: MeOH 
 EDm I EC:trace EtOH 314-50 
(VIII') 
(_.. 
I I d 
'tT 	 1LC 
if ut Pure 	Th:Ie iuplied 
r re. 	 uppiied 
Key: 	EN[. ethyl methyl ketone 
petrol. 	petroleum ether (b.p. 60-800 C) 
d. compound melted with decomposition. 
Dr. R.B. Barlow (Department of Pharmacology, University of 
Edinburgh). Two grades of material were provided: 
small quantities or highly purified materials 
which had been analysed for iodide content, and for which melting 
points had been obtained,, 51 and 
larger samples of less pure materials. 
The former compounds were used, without further purification, for 
conductance measurements. The diethylpiperidinium iodide and 
the ethylpyridinium iodide were also used for viscosity and density 
measurements. The salts of type (b) were purified by crystallis-
ation at least five times from suitable solvents (Table 5.1), 
collected on a sintered glass filter, and dried for at least 
48 hours over P205  at roon temperature and 01 mmHg pressure. 
Because or the lack of agreement between the values 
quoted in the literature, it was not considered useful to 
determine the melting points of the purified salts. Many of 
them decompose at, or before, their melting points (Table 5.1). 
Chemical analysis was not undertaken. The agreement between 
duplicate conductance runs using samples of both types (a) and 
(b), and the agreement for t.tramettiyl-, ethyltrimethyl-, and 
tetraethylaumionium iodide between the present work and previous 
work (Chapter 9), were felt to be sufficient indication of the 
purity of the compounds. 
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CHAPTER 6 
Solution Preparation and Density Measurement 
6.1 Air Buoyanoy Correction 
All solutions were made up by weight. The conductance 
cell was weighed on a Torbal Balance Model PL-800; potassium 
chloride was weighed on a Stanton Instruments Ltd. M.C.l.A. semi-
micro balance; and a Stanton Model C.L.i. balance was used for 
all other weighings. 
The observed weights, w, were corrected to in vaouo 
values by application or the equation 
w(vac) = w[l - (d5/d)]/[l_(d 5/d)) 	 (6.1) 
where d w = density of weights = 810 g om -30 
density of air = 00012 g om 3 0  
and d is the density of the substance being weighed. 
It is sufficiently accurate to assume that all the 
quaternary ammonium iodides have a density of 15 g o4fl. 	I'or 
this work, however, the densities of the salts were determined by 
a flotation method. A crystal of the salt was floated in methyl 
iodide in a 50 an  measuring cylinder of known weight, and toluene 
was added until the crystal just began to sink. The cylinder was 
weighed and the volume read. The densities of the salts obtained 
by this method are given in Table 6.1. 
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Table 6.1 Solid Densities and 11olarity Egn Params (A., Ecm 6.2) 
Salts 
	



















1 - 49  
1 - 4,9  




1 - 55  
1 - 48  






0 - 1.53 
0168 
0'183 









a 	See Table 5.1. 
b Estimated values. 
6.2 weight Burette 
Solutions were made up by weight from a stock solution 
contained In a weight burette (Fig. 6.1) of about 50 am  capacity; 
in this way the problems involved in the preparation of dilute 
solutions by direct weighing or small quantities of solid 1090110 
were avoided. 
A series of preliminary experiments was conducted to 
Figure 6.1 Weight burette 
I R 
I  -U- 
Actual size. 
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establish whether sufficient accuracy could be obtained with the 
weight burette. Approximately 1 g. of water from the weight 
burette was added to a 50 cm3 flask, and the weight gained by the 
flask was compared with the weight lost by the weight burette. 
Initial results were extremely disappointing. Although the weight 
burette was fitted with a ground glass tip to minimise evaporation, 
and the greatest oars was taken to exclude liquid from the ground 
glass joint, the weight lost by the weight burette did not always 
agree with the weight gained by the flask. However, on close 
examination of sets of results like those in Table 6.2, for 
successive additions of 1 g. portions to the same flask, a systematic 
pattern was observed. The first addition gave a difference or 
between 00015 and 0002C g, an order or magnitude greater than the 
difference for subsequent additions. 
Table 6.2 Weight Burette Trial 
Weight ].oat/g. 	Weight gained/g. 	Difference/9. 




0 • 0017 
2 	 06 9494 O91497 
	 -00003 
3 	 09258 	 09257 	 00001 
Similar discrepancies have been observed by Stokes, 65  who 
provided the following explanation. 
Men a quantity of liquid is added to a dry flask, the liquid 
evaporates until the air in the flask is saturated with vapour, 
and an equimolecular quantity of air is displaced. The observed 
increase in the weight of the flask is lose than the weight of 
liquid added by an amount equal to the weight of this quantity 
of air. 	Significant errors may result when the volume of liquid 
is small in comparison with that of the flask. 
This could explain the observed 'disappearance' of water in 
the weight burette trials, and the tact that it only occurred on 
addition to a dry flask. An approximate numerical estimate of 
the effect was therefore obtained. The saturated vapour pressure 
of water at room temperature is approximately 19 mmHg; atmospheric 
pressure is 760 mmHg; the molar volume of a gas at 1 atmosphere 
pressure and 20°C (room temperature) is 24000  am 3; the 'effective' 
molecular weight of air is 29. The weight of air displaced from 
a.50 cm 3 flask, by application of the gas laws, is given by 
w = (50 x 19 x 29)/(760 x 24000) = 00015 g. 
The large discrepancy in the first addition was not there-
fore the result of any defect in the weight burette technique, 
which was in fact suitable for accurate work. 	(The saturation 
effect must also occur within the weight burette. In this case 
the volume to be saturated equals the volume of liquid displaced: 
the calculated error is 0003%, which is negligible. This is 
borne out by the good agreement between subsequent weighings and 
the lack of a systematic trend in the differences.) 
The results of these trials indicated that the precision 
which could be obtained in additions from the weight burette was 
about 002%. The overall precision in the solution concentrations, 
allowing for other errors, was 005%. 
6.3 Pyknoaoter 
A pyknometer (Fig. 6.2) of a design developed by 
Dr. D.G. Smith 108 ' 11  was used for solution density measurements. 
The pyknometer was filled, by gentle auction, through a capillary 
tube attached with polythene tubing. The volume of the glass 
bulb was determined by the weighing of conductivity water, based 
on a density for water of 0997074 g ml 	(Table 9.5). No 
significant variation was detected in periodic checks of the 
pyknometer calibration. The volume of the pyknometer was 4443077 
+ 00005 ml. The error in the solution volumes determined with 
the pyknom.ter was + 0'001 ml. 
6.14 Molar Concentrations 
Molar concentrations o (i.e. concentrations in moles per 
litre of solution) were required for the interpretation of the 
conductance, viscosity and apparent volume measurements. As all 
solutions were made up by weight, their molal concentrations m 
(i.e. concentrations in moles per 1000 g of solvent) were determined 
directly. The molarities were obtained by means of density 
measurements. 
'or the conductance work, the molar concentrations were 
evaluate I from the empirical equation of Harrd' 
* Throughout lbis thesis, v4 indicates a volume exactly equal to 
10000028 cm-'. 




A Arms constructed from 
graduated pipettes. May 
be read to 0.0005 ml. 
B Glass bulb. 
Volume 44.3077 ml + 0.0005 m 
5 ems. 
M. 
o,indO_AHm+BHm2 	 (6.2) 
For potassium ohi.oride, the empirical constants of Equation 6.2 
had the values  A  = 0 '0284 and  BR  0003. For the quaternary 
ammonium salts, BR was set at zero and values of A  were obtained 
from measurements of the densities of solutions prepared from the 
stock solution remaining after the conductance runs. Since, 
even for the most concentrated solutions used in the conductance 
cell, ARm  was of the order of 01% of d 0 , only a relatively low 
precision in the density measurements was required. The values 
obtained for A are given in Table 6.1. 
For the viscosity and apparent molal volume measurements, 
the density of each individual solution was measured, and the 




7.1 Conductance Bridges 
Solvent conductances were measured with a Wayne Kerr 
Universal Bridge Type B221A. 
An Electrolytic Conductivity Bridge Type 4896 (H. Tinsley 
& Co.) was used for all other conductance measurements. This 
bridge, which is similar in design to that of Jones and 
Josephs, 112  and is shielded according to the recommendations of 
1edlovsky,1,13 has been used previously for precise conductance 
work (see, for example, References 114, 115 and 116). 
The bridge circuit is shown in Pig. 7.1. All connections 
to the bridge were made with screened cables; the screens and 
the bridge were connected to a common earth. 
During the course of the work, a second bridge of the same 
modal was obtained. Throughout this thesis, the original bridge 
will be referred to as 'bridge 1' and the bridge acquired later 
as 'bridge 2 1 . 	Since bridge 2 showed a smaller frequency error, 
and better agreement between ratio arm ranges, than bridge 1 (see 
below and Pigs. 7.2 and 7.3), bridge 2 was used for all subsequent 
conductance measurements. 
Calibration figures for the resistances of both bridges 
were supplied by the manufacturers. In the range covered by the 
present work, the nominal error in the corrected resistances for 
bridge 1, and in the uncorrected resistances for bridge 2, was 




C To cell. 
D Detector. 
B Earth connections. 
F Transformer. 
H 470pF. capacitor. 
N 240v. A.C. mains. 
C1 , R, Balancing arm capacitor and resistance. 
R3 , R4 Ratio arms resistances. 
S1 Switch to Wagner earth. 
c 6 Wagner earth components. 
never greater than o'Ol%. 
Preliminary teats of the bridges, in conjunction with the 
oscillator and detector described in S3ction 7.2 0 were made with 
a dummy load consisting of a carbon resistor in parallel with a 
small capacitor. 	Successive substitutions of capacitors having 
the values 470 9 1000 and 10000 pP, confirmed that the measured 
resistance was independent of the capacitance. The 470 or the 
1000 pP capacitor was used in all the reported test measurements. 
Figs. 7.2 (bridge 1) and 7.3 (bridge 2) show the measured 
resistance as a function of the reciprocal of frequency for a 
number of carbon resistors, with the bridge variable ratio arms 
(R3 and R4 in Fig. 
7.1) sit at 100/100, 10004000 and 10000/10000. 
In the range 1 - 25 KHs, the measured resistance was almost 
Independent of frequency and of the setting of the bridge ratio 
arms. 	At higher frequencies, and with resistances greater than 
10000 ohms, the measured resistance showed a marked frequency 
dependence. This effect was less with bridge 2. 	A series of 
experiments in which resistance boxes were used as load, confirmed 
that the measured resistances were in agreement with their D.C. 
values, when frequencies around 1 KHs were used. 
It is likely that the observed frequency dependence at high 
frequencies is due to the way in which the bridge is constructed. 117 
This frequency dependence imposes a fundamental limitation on the 
use of the Tinsley bridge. 
For the conductance work, frequencies in the range 1-25 Ku 
were used. The two ratio arms were set at 1000 ohms. The cell 
Figure 7.2 Bridge Frequency Dependence (Bridge 1) 
























constant was chosen so that solution resistances would lie in the 
range 900 - 9000 ohms. Resistances of 10000 ohms, or over, were 
avoided, and when encountered the frequency range was restricted 
to 1 - 1'5 CBs. Under thes* conditions the bridge frequency 
dependence introduced an uncertainty of the order of o'ol% in the 
measured resistance. 
Since, for dilute solutions, the residual oapa3itanoe of 
the bridge was greater than the capacitance of the cell, a 
capacitor was connected in parallel with the cell for all the 
conductance measurements. The preliminary experiments with 
carbon resistors suggested that this procedure was valid. This 
was confirmed by the tact that the measured resistance of the 
more concentrated solutions was unchanged when the parallel 
capacitor was removed. 
7.2 Oscillator and Detector 
An Advance Low Frequency Signal Generator Typo SG 66 was 
used as the power source for the bridge. 
Initial experiments showed a drastic change in the null 
point when the loads from the oscillator to the bridge were reversed. 
This behaviour is known to occur when oscillators which do not 
produce a sinusoidal waye symmetrical about earth potential are 
used. 117,118  When the oscillator output was monitored with a 
double-beam cathode ray oscilloscope, it was found that this 
essential criterion was not fulfilled. 
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A balanced oscillator signal was obtained by incorporating 
in the circuit a transformer (Hatfield Instruments Ltd., Type 
P 335), having an impedance ratio of 600 ohms unbalanced to 
600 ohms balanced. The midpoint of the secondary winding of the 
transformer was left floating, and symmetry of the signal about 
earth potential was achieved by balancing the Wagner earth circuit 
of the conductance bridge. This circuit is designed to correct 
for slight asymmetry in the oscillator signal, and to ensure that 
when the bridge in balanced the detector terminals are at earth 
potential. 
When the balancing transformer was used, reversal of the 
oscillator leads gave an unchanged resistance reading which was 
in agreement with measurements made with the Tinsley bridge in 
conjunction with a Tinsley Oscillator Type 4159, and with measure-
ments made with the Wayne Kerr bridge. 
The detector was a frequency selective amplifier. An S.T.C. 
Type 96016 and a General Radio Type 1232-A were used. Both gave 
satisfactory results, but the latter was slightly more reliable 
and convenient. The detector was isolated from the bridge by 
means of a transformer so that one lead - the outer screen- could 
be earthed without earthing one aide of the bridge. 
with the detector accurately tuned to the oscillator frequency, 
a resistance change of one part in 106  could be detected easily. 
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7.3 Conductance Cell Desii 
The conductance cell (Fig. 7.4), which was similar to that 
of Daggett, Bair and Kraus, 119 consisted of a cell compartment 
attached to the aide of a 500 ml flask. 	It is possible, with a 
cell of this design, to study a range of solution concentrations 
by successive additions of stock solution. The measured resis-
tance is independent of the total volume in the cell, provided 
that the cell compartment is full. To minimise the 'shaking 
erreot' 120 ' 121 ' 122-a drift of resistance with time, which may be 
reversed by shaking the cell - a clearance of 1 cm was left between 
the walls of the cell compartment and the electrodes; this 
follows the recommendations of Prue. 122v115  The flask was fitted 
with a sidearm which served as a nitrogen inlet, so that atmospheric 
carbon dioxide could be excluded. 
One of the main problems in the construction of the 
conductance cell was the method of introducing the electrode lead.. 
Soda glass forms good seal, with platinum, but is unsuitable for 
cell construction because it liberates sufficient lone to create a 
major source of error in the measurement or the conduotaueea of 
dilute solutions. 	Pyrex glass, which is suitable for cell 
construction, does not form good seals with platinum. 
Vacuum-tight Pyrex pinch seals may be formed with thin 
platinum foil. 118  This gives rise to a high leads resistance, 
which must be eliminated by a special procedure. Furthermore the 






libure 7.4 Conductivity Cell 
A 500m1. pyrex flask. 
B Pyrex-soda graded seal. 
C Copper leads. 
D Oil level. 
li Mercury. 
F Cell compartment. 
G Stopper. 
H Brass connectors. 
I Lightly platinised platinum electrodes. 
J Nitrogen inlet. 
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platinum leads is no longer possible, and independent support is 
needed. 	Glass rivets were used by Ivan and his co-workers 118 for 
this purpose. A eell of a similar design to that of Ives 
118  was 
made and tested. The conductance of water and of dilute solutions 
in this cell increased with time, and reproducible results were 
not obtained. On the basis of similar observations, Prue 122 
concluded that there was a concentration of electrolyte at the polar 
surface of the cell walls, which led to 'surface 	 and 
that this was the cause of the 'aiakirig effect'. 	Since the present 
work seemed to support this argument, Prue'a 2 reootmnendations were 
followed in all subsequent cell designs. For this reason it was 
necessary to avoid the use of glass rivets, and consequently 
platinum wires sufficiently rigid to support the electrodes were 
.used. 
Marsh and Stokes 66 reported a cell design involving tungsten-
to-Pyrex seals, with a lip of Pyrex glass covering the tungsten-
platinum connection. 	Although this seemed to be entirely satis- 
factory in operation, the construction is rather difficult. 
The simplest solution seemed to be to introduce the 
platinum wires into the cell through graded soda-to-Pyrex seals 
(A Jancons (Scientific) Ltd. 'Lynx Seal' was used), but to keep 
the amount of soda glass to a minimum. Connection with the bridge 
circuit was made through specially designed brass connectors which 
fitted B7 joints on the cell arms (see Fig. 7.4). 	Electrical 
contact between these terminals and the electrode wires was formed 
with copper leads and mercury cups. This method of connection 
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introduced an unknown, but small, loads resistance error. 
Water in the cell showed a gradual increase of solvent 
conductance with time. 	tan the cell was shaken, the conductance 
dropped. This 'shaking effect', which continued indefinitely, 
was almost certainly caused by ions from the soda glass seals. 
The rate of increase of the solvent conductance was, however, small, 
and for the most dilute solutions studied the solvent conductance 
correction was only of the order of 01% of the solution conductance. 
It therefore seemed likely that the cell would be suitable for 
precise conductance measurements, despite the inclusion of a small 
amount of soda glass. This conclusion was verified by the 
following experimental observations: 
(a) There was no systematic trend in the measured values 
of the cell constant (Section 7.6 and Fig. 7.6). 
(h ) 14ben the final solution from a conductance run was left 
in the cell overnight - which happened on a number of occasions - 
no change in the solution-resistance was observed. 
A second conductance call of the same type, but which incor-
porated a number of improvement., was built. Two cell compartments 
with different cell constants were sealed to opposite aides of a 
500 ml flask s, making it possible to study solutions of widely 
differing resistance. 115  Electrical contact was made through 
silver leads gold soldered to the platinum wires, so that the less 
satisfactory mercury contact was eliminated. This cell was 
howtver quite unsuitable for accurate conductance measurements. 
R. 
Dilute solutions of potassium chloride in the cell showed a steady 
decrease in resistance with time, with a sharp increase on shaking 
the cell. The effect persisted over a period of hours, and was 
therefor, not due to thermal equilibration. Attempts to calibrate 
the cell gave inconsistent results which were concentration dependent. 
There was little doubt that the cause was a dissolution or ion 
exchange process at the soda glass surface: this is consistent 
with the very much smaller effect observed with the single call. 
It was concluded that the single cell was suitable for the 
present work, but that the use of graded seals could not be 
reccinnended as a general solution to the problem of conductance cell 
construction. 
7.4 Frequency Dependence of Solution Resistances. 
Solution resistances determined by A.C. methods generally 
show a variation with the frequency, f. Different workers have 
reported that the measured resistance is a linear function of 
either 123  l/f or12 1/f. The former relationship has been dis-
cussed in terms of the double-layer capacitance at the electrode 
surface. 125 The exact nature of the electrode processes is not 
well understood, although a rainy sophisticated model has been 
proposed. 118 It is, however, generally accepted that the frequency 
dependence results from the capacitive components of the impedance, 
and that the true ohmic resistance of the solution may be obtained 
by a suitable extrapolation to infinite frequency. 	In the present 
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work, a linear dependence of the solution resistance on the 
reciprocal of frequency was round (Pigs. 7.5 and 7.7) in the 
frequency range (1-2'5 KHz) for which the bridge was satisfactory 
(Section 7.1). 
The frequency dependence of solution resistances may be 
reduced, or even eliminated entirely, by platinisation or the 
electrodes; 126  this .ft.øt has been attributed to an increase in 
the capacitance of the 0611,118 and to a reduction in po1ariaation) 26 
A number of attempts were made to reduce the frequency dependence 
of the cell by platinisation, following the recommendations of 
Jones and Bollinger. 126 The platinising solution Was prepared by 
the method of Bates. 27 Approximately 012g of platinum was 
cleaned in hot concentrated nitric acid, washed, ignited in a bunsen 
flame and dissolved in warm aqua regia (3:1 RC141NO 3 ). The 
solution was taken repeatedly to dryness on a steam bath, with 
intervening addition of 10 ml portions of concentrated hydrochloric 
acid. After the fourth evaporation the residue of ohloroplatinio 
acid hexahydrate was dissolved in 100 ml of water, with the 
addition of about 20 mg of lead acetate. 
The electrodes were cleaned by cathodic electrolysis in 
very dilute sulphuric acid for ten minutes, 128  washed with distilled 
water, and platinised without delay. 	Platinisation was carried out 
at a current density of 1 	 A reversing switch allowed the 
1' 
polarity to be changed every 10 seconds. "° At periods of about 
two minutes the current was stopped, and the resistance of the 
platinising solution was measured at two frequencies, with the 
Wayne Kerr bridge, in conjunction with an external oscillator 
and detector. Platinisation was continued untdl the frequency 
dependence was no longer reduced. 
The cell was washed with water, and a very dilute solution 
of sulphuric acid was eleotro].ysed to reduce any traces of platinia 
compound on the electrodes. 115 A scrap of platinum metal was 
used as an auxiliary electrode for this electrolysis, and the leads 
from the electrodes of the call ware shorted together. The cell 
was then washed with conductivity water, and allowed to soak for 
at least twenty-tour hours. 
The change in frequency dependence produced by platinisation 
was established by the measurement of the frequency dependence of 
the resistances or sodium chloride solutions, prepared by the 
addition of solid to the cell until solution resistances of 
approximately 5000 ohms and 480 ohms, respectively, were obtained. 
The complete platinisation was repeated three times, and 
Fig. 7.5 shows the extent to which the frequency dependence was 
reduced. 	The first platinisation involved a total electrolysis 
time of twenty minutes, and produced very little change in the 
frequency dependence. For the second and third platinisations, 
therefore, a fresh platinising solution was prepared. 	In both 
oases the total time of electrolysis was Seven minutes. 	Since 
the third platinisation actually increased the frequency dependence 
sligrthly - probably due to uneven plating - no further plat inisa 
was teupted. The deposit was 'barely detectable as a taint 
55051 





Figure 7.5 Effect of Platinisation on Frequency Dependence 
5515 
	Key: 
0 Before platinisation 
V Firat platinisation 





tarnish 9126 on the electrode surface. After platinisation, the 
cell was cleaned by steaming for several hours, and was calibrated 
with potassium chloride (Section 7.6). 
The platinisation procedure described above differs from the 
recozwziendations of Jones and Bollinger126  in that very light 
ptatiniaatIon was produced by a long electrolysis, although the 
current densities were similar. The reason would appear to be 
that the first platinising solution was unsatisfactory. The total 
time, fourteen minutes, for the second p Latinising solution was 
nmparable to the first platinisation of Jones and Bollinger, which 
Involved electrolysis for ten minutes. The reduction in frequency 
dependence (Fig. 7.5) was less than that reported by these workers. 126 
This is probably an indication that such a light platinisation is 
not reproducible. 
The frequency dependence which remained was eliminated by 
an extrapolation to infinite frequency. 	An example of this 
extrapolation, for a series of potassium chloride solutions, is 
shown in Fig. 7.7. The lines were almost parallel over the whole 
concentration range. The difference between the values at 1000 
Hz and at infinite frequency varied from 005% for the most dilute 
solutions to 05% for the most concentrated. The extrapolated 
values of R (Pig. 7.7) were reliable to within + 0 2 •hms, 
which corresponds to a maximum error of + 0'02% for the most 
concentrated solutions. 
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7,5 Experimental Procedure 
	
Before platinisation,, the eell was dried and weighed. 	It 
was not allowed to dry out or subjected to any drastic cleaning 
procedure during the course of the work. At the and of the work 
the cell was dried and reweighed; no change in the weight had taken 
place. 
The following procedure was adopted for the calibration of the 
conductance cell, and for all conductance runs: 	The conductance 
cell was connected to the nitrogen supply, and, with a steady 
current of nitrogen flowing, the cell was washed several times with 
conductivity water, delivered straight from the ton exchange column. 
The conductivity of the water in the cell was monitored with the 
Wayne Kerr bridge, and washing was continued until a value of 
approximately 1 x lO ohm 1cm was obtained. The eel], was weighed 
and inunereed in the thermostat bath. After thorough mixing and 
temperature equilibration - a minimum of one hour was allowed - the 
solvent conductance never exceeded 3 x 10 ohm-'am-', and was 
usually considerably less than this. 	Immediately before the first 
addition of stock solution, the cell was rocked and the value of 
the solvent conductance was noted. 
The stock solution was prepared by the addition of conductivity 
water to a known weight of solid in the weight burette (Section 6.2). 
Potassium chloride was weighed out in a small Pyrex cup 109  on a 
semi-micro balance (Section 6.1). 	Other salts were weighed 
directly in the weight burette. 
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Successive additions of 1-3 ml portions of stock solution 
to the coil were made, against a countercurrent of nitrogen. 
The solution in the oell was thoroughly mixed, and after thirty 
minutes the cell was rocked to eliminate errors due to the 
ahakin&ll2O h l2u h l22 a 	Soret6 ' 66 , effects. 	Resistance 
readings were taken at 1000, 1250, 1500, 2000 and 2500 Hz (except 
that if the resistance of the first solution exceeded 13,000 ohms 
the higher frequencies were avoided (see Section 7.1). 	Seven or 
eight measurements at roughly equal intervals of concentration were 
made. 
When the parameters of the molarity equation (Equation 6.2) 
were not known, the stock solution remaining at the end of the run 
was diluted and used for a solution density measurement. Values 
Of AH  are given in Table 6.1. 
Resistance readings were corrected in accordance with the 
calibration figures. 	All other calculations, including the air 
buoyancy correction of the weighings, were performed by the 
appropriate computer program (Section 9.2). 
7.6 Calibration of Conductance Cell 
The cell constant of the conductance cell was determined 
by a series of measurements art solutions of potassium chloride. 
The equivalent conductances of those solutions were calculated 
from their concentrations in accordance with the equation of 
Lind. Zuo].enik and Fuoea, 53 Equation 7.1. 
A = 149'93 - 94'65c + 58 7i. o log 0 + 1984 c 	(7.1) 
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The experimental procedure is described in Section 7.5, and the 
computer program is described in Section 9.2. The experimental 
values for the oell constant are shown in Table 7.1 and Pig. 7.6. 
There is no evidence of a systematic trend in the call constant 
with solution concentration,, and this shows that the cell and the 
experimental technique are satisfactory. 
The maximum difference between values of the eel], constant, 
kc# in Table 7.1 (highest value 063526: lowest value 063487) is 
0'075, and the difference between the mean of the two determinations 
is 00$. This suggests that the overall precision of the 









5 okim 1om 
l 	k 0 /om 
0 - 63511 
Run II 
107ic 	= 1•8 oh 1om 
SP 
1030/equiv -1 	k0/'cm 
0•6968 	 063491 
063526 
	















0 - 63507 










50222 	 0.63505 
Average 	063501 
Mean cell constant = 063507 + 000013 
Figure 7.6 cell Constant k as a Function of KC1 Concentration 
O Run 1 
C.) 
	
0 Run  
. 0.6352 






2.0 	 4.0 
	
6.0 
Concentration/equjv 1 -1  


















7.1 Thermostat Bath 
In order to obtain an accuracy of 001% in conductance 
measurements, a thermostat capable or maintaining temperature 
constancy to + 010050 is required. As long as the solutions 
studied have a temperature coefficient similar to that of the standard, 
an error of a few hundredths of a degree in the absolute value of 
the temperature is not important, provided it is constant. 1 These 
criteria were adopted in the design of a thermostat bath for the 
present work, so that the errors resulting from the uncertainty in 
the temperature would be negligible in comparison with other 
experimental errors. 
An insulated copper tank was filled with 45 litre of Shell 
Diala B transformer oil, which was stirred by a multispeed stirrer 
(Anderman & Co. Ltd.). 	The oil temperature was sensed by a 
thermistor which formed part of a bridge circuit; the off-balance 
signal was amplified, and used to operate a relay which controlled 
the heat input. The unit, which was designed and built in this 
department by Mr. A.H. Young, could detect a change in temperature 
of O'OOl°C under test oonditions, and in operation the bath 
temperature could be maintained constant to within 0005 °C. 
Conductance measurements were made at an exact tempevsture of 





8.1 Visoorneter Design 
The viscometer was of the Ubbelohde suspended-level type13 ' 3 
Accurate vertical mounting of the capillary was arranged by the use 
of a viscometer holder, special bath lid and spirit level supplied 
by the manufacturers of the thermostat bath (Section 8.4). 
The design of the viscometer followed the recommendations 
which are discussed in Section 14.2. for the reduction of the 
kinetic energy correction. 	In particular, a capillary with a 
fine bore, and which was slightly flared at the top and bottom, 3 was 
used. The radius of the capillary was 0025 cm, whi3h is the 
finest bore which may be used without undue sensitivity to minute 
particles of dust and hair. Stokes and 14i11 recommend the use 
of capillary radii of from 003 to 0P08 cm. The approximate 
values of the other constants for the viaoometer (Equation 14.3) 
were as follows: 
V = 30 cm3 ; 	H = 16 cm; 	to = 1006 see; 	1 = 10 cm. 
The solution viscosities determined with this viscometer 
were in agreement within experimental error with the precise 
values obtained in a previous study131 (Fig. 11.2), and this gives 
a good indication of the reliability of the results obtained in 
this work. 	It is however of interest to obtain a theoretical 
estimate of the errors which result from the neglect of the kinetic 
energy correction in Equation 4.6. A rearrangement of Equation 4.7 
Figure 8.1 Viscometer 
B7 
Constants of &jn. 4.3 
V = 30 ml 
H = 16 cm 
1 = 10 cm 
B Flared capillary 
A Viscometer 
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gives the approximate expression 
error = 100C 3 (2Lt/t03 ) 
	
(8.1) 
The neglect or the kinetic energy correction is therefore more 
serious the larger the value of At. that is, in the present work, 
for the salts diethylpiperidinium iodide and tetrasthylammonium 
iodide. The concentration dependence of the viscosity of 
tetraethylammoniuzn iodide solutions may be represented 
rel = 1. + 00072& + 03122e 
	
(6.2) 
and for the most concentrated solution of EtNI studied (rabla 11.1), 
a = 010876 mole litre- 1 ; &t 29 sec. 
Table 8.1 shows the value of nre, for this salt calculated 
from Equation 8.2, the value predicted from Equation 8.1 on the 
assumption that the value calculated from Equation 8.2 is the true 
value, and the experimental value, from Chapter 11. 
Table 8.1 Relative Viscosity of Et 1 NI (c = 0 1076 mole 11) 
Source 	 n rel 
Equation 6.2 	 103633 
Equations 8.2 and 
8.1 	1'03726 
Experimental 103673 
It is clear that the measured relative viscosity Is closer to the 
values of ilCickel and Schaaf than would have been expected if the 
kinetic energy correction was as given by Equation 4.3, and it Is 
I" 
possible that the difference resulted from greasing of the 
viecometer (Section 8.2) rather than from the kinetic energy 
correction. These observations suggest that the use of a flared 
capillary has led toe reduction of the kinetic energy correction. 
8.2 Cleaning of the Viaooneter. 
The efflux times of solutions in a capillary viscometer 
are very sensitive to duet and hairs in the solutions, and to 
grease on the glass surface. 	Care must be taken to avoid con- 
tamination, and elaborate cleaning procedures have been described, 
as was mentioned in Chapter Li.. 
All solutions were added to the viscometer through a 31ntered 
glass filter, and this procedure was normally sufficient to exclude 
dust and hairs. 	It proved much more difficult to keep the 
viscometer free from grease. 	Chromic acid was used as a cleaning 
agent, and the viscometer was always filled with chromic acid when 
not in use. 	Airing the course of viscosity measurements, the 
viscometer showed a tendency to become greasy. Flow times became 
noticeably longer, and the solution no longer produced an even 
film on the glass surface. 	If the visoometer was refilled with 
water, an increased efflux time was observed. When greasing 
occurred, the whole inside surface of the viscometer was rinsed 
with chromic acid. This was sufficient to restore the original 
efflux time for water. The effect was particularly marked with 
some of the salts, presumably due to a small trace of impurity. 
1.07 
Dr. Corkil1 97 has however suggested that the development of a 
water-repellent surface on glassware which contains solutions of 
quaternary ammonium salts, is due to the adsorption of quaternary 
lone on the glass surface, by ion exchange. This could provide 
at least a partial explana bion of the greasing of the viscometer, 
and might also explain the 'flow time correction' required by Kay 
and his co-workers. ° 
8.3 Experimental Procedure 
According to Equation 14.3, the determination of soliftion 
viscosities with a capillary viscometer requires a knowledge of 
the densities of the solutions as well as their efflux times in 
the viscometer. Consequently the experimental procedure was 
arranged to allow the simultaneous determination of both these 
quantities. 	Solution densities were measured with the pyknometer 
(Section 6.3) and the experimental values were also used to calculate 
the apparent molal volumes or the solutes (chapters 3 and 10). 
Efflux times of water and of solutions in the viscometer were 
measured with a Vennar stopwatch Type A140. Agreement to within 
± 02 seconds was obtained for individual solutions. Water efflux 
times were measured before and after each not of solution runs, and 
the mean was taken as the solvent time, t0 . The final value was 
normally greater than the initial value, by as much as 05 seconds 
when greasing (Section 8.2) was serious. 	In addition, there was a 
difference of roughly + 03 seconds between the initial times on 
different days, which may have been the result of differences in 
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the extent of cleaning. 	On a particular day, the time for water 
was reproducible after the viscometer had been rin.ed.witki 
ohroinic acid. The value of t o used for an individual run was 
probably correct to + 03 seconds (+003%) (see Chapter U). 
A series of four solutions in the concentration range 001 - 
01 moles litre was prepared by the dilution of approximately 
3, 8, 16 and 25 ml of stock solution from the weight burette 
(Chapter 6.2) to 100 ml, in volumetric flasks: all quantities 
were measured by weight. 
The pyknometer (Chapter 6.3) was filled with the test 
solution, and the rest of the solution was used to rinse the 
viscometer. When the pyknometer reached thermal equilibrium the 
graduated arms were read, and the solution was transferred to the 
viscometer. 
The viscometer was not normally washed out between measure-
ments on different solutions, but after the second solution had 
been studied the water time was usually checked and the visoomoter 
rinsed with chromic acid, to minimise greasing. 
TT: 	It 
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9.1 Calculation of Association Constants 
Analysis of the solution conductances for the salts (I) 
to (XIV) of Table 5.1 on the assumption of complete dissociation, 
gave values of the ion-size parameter which were too small to be 
physically possible, and the values decreased with increasing ion 
size (Section 9.3). 	As is discussed in Section 2.5, these 
observations suggest that the salts are slightly associated. The 
experimental results were therefore analysed to find association 
constants for the salte s by a procedure which is based on the method 
or Eves for the calculation of acid dissociation constants from 
conductance measurements. 132o68  The observed equivalent conduc-
tance of a solution, according to Equation 2.1 0 ia given by 
= 1000 j[ / sp 
	
or a univalent salt the value of 	is determined not by theSP 
total concentration 0 of the salt ii the solution, but by the 
concentration Oj which is ionised. The equivalent conductance 
Ai of the ions is given by 
A 1 = 1000 Ksp /Oi 	 (9.1) 
where a. = c - [RX), and [RX} represents the concentration of Un- 
dissociated (or associated) salt. 	The combination of Equations 2.1 




Now 	 A1 = A0  - fn (of) 	 (9.3) 
where the term fn(o1 ) takes account of interlonio interactions, 
and may be calculated from a conductance equation (e.g. Equatl'zna 
2.14 to 2.19), if an estimate of the ionic concentration 01  is made. 
The concentration dissociation constant K' of the species 
ax is given by 
K' = [R'itxl/[ax) = ( o j /0 )lo/(l-c 1/c)i (9.4) 
Substitution of Equation 9.2 in Equation 9.4 gives 
K' = A2c1'[A i (A - A 1 )) 
Assuming that f = 1, the thermodynamic dissociation constant KRX 
is given by 
it 	A2 	2 / [i\ 1 (A 1 - A)] 
- A = (1/K)(A20 f 2/A) 
Substitution for A in terms of Equation 9.3, and rearrangement, 
gives 
- KAA0f+/[Ao - fn(o1) 1 (9. 
where the association constant KA = l/k.Equation 9.5 Is a linear 
relation of the form 
YA O _KAX 
	
(9.6) 
An iterative procedure is used to calculate the values of A 0 and 
Of KA which produce the beet agreement between the observed and 
calculated values of A. A detailed description of the method 
Is given in Section 9.2 W. 
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9.2 Computer Programs 
Cell Constant Program: 	This program, which was written in 
Atlas Autocode for use with a 1DF 9 computer, evaluated the 
results of the cell calibration experiments as follows: 
From the observed weights and resistance readings, the 
molar concentrations (Section 6.4) and resistances at infinite 
frequency (Section 7.4), were calculated. The value of Pi 
corresponding to each value of a was obtained from Equation 7.1. 
The cell constant was evaluated for each concentration according 
to Equation 9.7, which differs from Equation 2.1 in that a 
correction for the conductance of the solvent is included. 
Ac/[(1000/R) - lOOOK) 	 (9.7) 
where K 3 is the observed solvent conductance in ohzn. 	In 
addition to the individual values of A, c, and Ic 0 , the mean cell 
constant and the solvent conductivity, K, were printed out. 
The absence of trivial errors in the program was established 
by a detailed examination. 	In particular, the validity of the 
procedure used to evaluate the concentrations was tested by the 
calculation of the concentration of the final solution in the cell 
from the initial weight of water in the cell and the total weight 
of stock solution added. 	This value was in identical agreement 
with the value calculated from the individual additions. 
Conductance Programs: The measured solution conductances were 
anaiyaed both on the assumption of complete dissociation to find 
values for A and a, and on the assumption of slight association to 
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find values for A and KA  corresponding to reasonable estimates 
of a. 	In both cases, the five equations: RS (Equation 2.15), 
L (Equation 2.16), Fl (Equation 2.18), P2 (Equation 2.17), and 
P (Equation 2.17) were used. 	The expressions for the coefficients 
of these equations are discussed in Chapter 2. The values of 
the universal constants used, together with some of the derived 
constants, are given at the end of this Chapter, in Table 9.5. 
Values of the association constants K for the Foss equations 
were also obtained from Equation 2.19, with the values of i3,. given 
in Chapter 11. 
(o) Program for Complete Dissociation: 	The work was programmed 
in Atlas Autocode for use with a KDF 9 computer. The completed 
program, which was labelled LS-5. 2 0, was stored on magnetic tape. 
The program was written in sections, and was provided with switch 
labels so that entry at levels (i), (ii) or (iii), as required, was 
poasi1e. 	The complete analysis of a not of experimental values 
involved the following steps: 
(1) evaluation of the parameter A H (Equation 6.2) from a solution 
density measurement; 
(ii) calculation of the solution concentrations from the observed 
weights and the value of AR; extrapolation of the resistances to 
infinite frequency; evaluation of A for each solution from 
Equation 9.8, 
A = 1000 (K5  -  sp 
	 (9.8) 
which Is obtained from Equation 2.1 oy the inclusion or a correction 
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for the conductivity of the solvent; and 
(iii) evaluation of A0 and a from the observed values of A and 
o for each of the five equations of Section 9.2 (b). 
Section (iii) included a subroutine which evaluated the 
constants of the conductance equations from the values of the 
universal constants given in Table 9.59 for a solvent with any 
isotopic composition from pure H 2  0 to pure D.O. and this made it 
possible to recompute certain literature values for conductance 
parameters in D20 (Table 12.4). 	The conductance results were 
analysed by a least-squares procedure. 	For each of the five 
equMtiri5 1n turn, the values of A and of a were found such 
ba 	Pt Cale ) 	Details of 
r With a summary of the 
individual coefficients of the five equations, and of the derived 
parameters. 
The program was tested by the recalculation of conductance 
results taken from the literature. Table 9.5 shows that the 
derived constants agreed with the values quoted by Evans and 
Table 9.1 shows the values of J1 and J2 for the 	 Fose 
(F2) equations which were calculated with Program 	compared 
with the values given by Fernndez-Prini and Prue. 	The 
slight differences between the two sets of coefficients was 
probably caused by differences in the values chosen for the 
universal constants. The derived conductance parameters showed 
differences of the order of 0'l I in a and of 002 obmcm 2equiv 1 
In A0. 
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Table 9.1 Teat of Program LS-5.2 
LS-5.2 	 Prue 60 
Pitts 	Fuoas 	Pitta 	FUOSS 
Electrolyte 	1 l 	j 2 	1 	'2 	l 	2 
HC16 6805 1246 54.06 1131 6837 1257 5214 982 
KC1133 246'7 378-8 2162 815 24.56 3755 2109 756 
(d) Program for Association: 	The work was programmed in 
Fortran (Program KA-5) for use with the Newcastle IBM 360/67 
computer. 	An iterative procedure, based on the theory discussed 
in Section 9.1, was adopted, and the process was repeated for 
each 	the five equations (RS, L, 91, 92, P) in turn. 	An 
approximate value of A0 was supplied to start the calculation, 
and an initial estimate of the ionic concentrations a, were 
obtained from Equation 9.2, by the approximation A1 = A 0 . 	The 
functions X and Y were calculated, and values of A0 and 
obtained from Equation 9.6 by a least-squares procedure. Prom 
the value of A0 and a conductance equation, new values of A1 were 
estimated, and hence new values of Oj were obtained from Equation 
9.2. 	X and Y were mice more calculated, and better values of 
Ao  and KA were derived. The iteration was carried out five 
times in all, sufficient to achieve convergence. A series of 
values of the parameter a was examined for each salt, including 
a common value of 5'3 I. 
The program was tested with some of the conductance results 
of Kay and his oo-workers, 6 which have previously been analysed 
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In this way for association, by Fernndez-Prini) 9 Table 12.4 
shows the results of this calculation. 
The validity of the program was also chocked by the analysis 
of the results of Gunning and Gordon 133 for the conductances of 
potassium chloride solutions & with the programs LS-5.2 and lcA-5. 
For each equation, the graph of K   against a which was obtained 
from program KA-5, out the axis KA = 0 at the value of a which 
was given by program LS-5.2. 
9.3 Experimental Results 
The measured values of A. with the corresponding concentrations, 
are given at the end of this Chapter, in Table 9.6, and details of the 
analysis or the results are given in Table 9.7. The values of the 
ion-size parameter for which the association constants are quoted 
(Table 9.7) were chosen to be consistent with those used by 
Pernndez-Prini, 1 and were obtained by an arbitrary interpolation 
procedure in which the values of e,, (Chapter 10) were used as 
a measure of ion size. The significance of the choice of a is 
discussed in Section 9.5. 
The results quoted In Table 9.7 show that the precision of 
the experimental measurements was not sufficient to obtain an 
unequivocal assessment of the performance of the different con-
ductance equations, but some general trends may be observed. 
(a) Complete Dissociation: The first set of figures given for 
each salt in Table 9.7 refers to the analysis of the experimental 
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results with Program 1.3-5. 2 . In general, the equations of 
Robinson and Stokes and of Leist gave considerably larger 
values of C
V
the standard deviation of the individual points, 
than were obtained with the other equations 	This is in 
agreement with the observations of Prue and Sherrington. 	The 
two equations were very similar in their performance, and both 
required negative value, of the distance of closest approach of 
the ions, a. 
The Fuose equations usually gave a better fit of the 
experimental values than did the Pitts equation. The values of 
the ton-size parameter required by these equations were physically 
impossible, and the Pitts equation gave much lower values f a 
than the Fuoss equations. These observations are in agreement 
with the conclusion of Fernndez-Prini and Prue 60  that the Fuoas 
equation is more successful than the Pitts equation in dealing 
with small amounts of association without the introduction of an 
association constant. 
The values of A which were derived showed a definite 
dependence on the equation used. 	In general, the equations RS 
and 1. gave identical values of A 0  which were lower by about 
005 ohmom2equiv than the values obtained from the equations 
F]., P2 and P, and there was no significant difference between the 
values of Ao obtained from the equations Fl, P2, and P. 	For 
direct comparison with the results of Kay and his co-workers 63  
(Section 9.4) the values of A O obtained from the Equation Fl are 
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quoted in Table 9.2 and are used in the subsequent discussion 
of the dependence of conductance on ion size. 	The ionic 
conductances ) quoted in Table 9.2 are based on the limiting 
conductances for the anions 63 
(Br) = 7822; 	X 0 (1- ) = 7698 	 (9.9) 
(b) Association: 	The second set of values for each salt in 
Table 9.7 refers to the analysis of the results with Program 
A-5. 	It may be seen that the equations of Robinson and Stokes 
and of Leist fit the experimental results very well. This may 
be compared with the success of similar empirical expressions 
for the activity coefficients of salts, which was discussed In 
Chapter 1. The success in this case is probably due in part 
to theproximate cancellation of the higher terms in the 
conductance equations for these salts. 
The similarity between the parameters of the Pitta 
equation and of the Leist equation is particularly striking. 
This is not a coincidence, but reflects the fact that the Lelat 
equation is, in fact, a first approximation to the Pitt 
equation. 1 
There is no clear evidence that any of these equations is 
more satisfactory than the others. 	For comparison with previous 
work,l819 the values of K derived from the Pitta equation are 
quoted in Table 9.2, and are used in the subsequent discussion. 
Since only the relative values and the order of magnitude of the 
association constants are considered In Section 9.5, the conclusions 
118 
Table 9.2 	3uuwiary of Conductance Parameters *  
Salt A0 a K X ioo/x 
 121'40 501 239 4442 2 , 251 
 11801 518 68 1403 2'437 
 11434 5 . 33 269 3736 677 
 11150 547 304 3452 2897 
 109'09 561 331 3211 3114 
 11623 522 312 3925 2 548 
 11323 536 298 3625 2759 
 11056 5'52 3'31 3358 2 , 978 
 113'16 536 316 3618 2764 
CX) 110'92 5'51 3 . 55 3394 296 
 10857 563 378 3159 3166 
 121'24 5'02 248 14r 26 2259 
 116'31 5'23 294 3933 2'543 
 109'51 56o 294 3129 3'196 
* Key: 
The salts (I) - (XIV) are as given in Table 5.1. 
and 4 are expressed in ohmozn2equiv 1 . The values 
or k were obtained from Equation 9.9. 
KA is expressed in 1 mo1e. 
a is expressed in A. 
Full details of the analysis of the experimental results 
are given in Table 9.7. 
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are Independent of the equation used. 
9.4 Comparison with Previous Work 
(a) Equivalent Conductance at Infinite Dilution: 	Conductance 
measurements have been reported previously for salts of three of 
the quaternary ions studied her.. The ionic conductances obtained 
by different workers are given in Table 9.3. 
Table 9.3 Limiting Conductances for Ions. 
MeN 	EtNMe 3 
This work 	 L4 1.2 	41 - 03 	3211 
Kay 63 	 4442 	 3222 
£.evien 18 44*39 
Fuosn 
Kx'aus79 ' 9 	 14492 	40 '50 	3266 
The agreement between the various estimates of A for these ions 
is good, except for the results of Kraus and his co-workers. 79 ' 119 
Although part of the difference may be accounted for by differences 
in the extrapolation procedure and the choice of values for the 
limiting conductances of the anions, it is clear that the values 
obtained by Kraus and his co-workers 79 ' 119  are in relatively poor 
agreement with recent precise measurements. 8 ' 6 ' 	If the 
values of Kraus are disregarded, the limiting Ionic conductances 
obtained in the present work agree with the values quoted in the 
literature to within about 01 obcm2equIv. 
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(b) Concentration Dependence of A: 	The concentration dependence 
of A, in the for of a plot of A + Sc against concentration, is 
shown in Fig. 9.1 for the three salts, (I), (11), and (V) 1 for 
which previous values are available, together with the two sets 
of results obtained for salt (111). 	Precise measurements of 
the conductances of solutions of tetremethylaznuionium iodide have 
been reported by Levien) 8 and by Evans and Kay, 6 and it is clear 
from Fig. 9.1 that the values obtained by these workers are in 
good agreement. The agreement with the results obtained in the 
present work is less satisfactory, in accordance with the lower 
precision which was obtained here. 	It appears that the errors in 
the present work increased with concentration, since the agreement 
with the previous measurements 18,63  is best for the dilute solutions. 
A similar comparison with the results of Kortüm at i.135  for tetra-
methylemmonium iodide is less meaningful, in view of the low 
precision of the results quoted by these workers. 135 
A quantitative compariacri of the results obtained by 
different workers may be obtained on the basis of the calculated 
association constants. 	The results of 'vans and Kay 63  and of 
1(ortüm at 51.135  have been analysed for association by Fernndez-Prini, 
and the results of Varimbi and Fuoaa 1 for etkiyltrimethylammonium 
iodide were recalculated with Program J(A-5. The association 
ac,nstanta obtained are given in Table 9.4. 
The values of K obtained by different workers show large 
variations. 	This is an indication of the difficulty involved in 
the measurement of small association constants, which was mentioned 
in Secticm 
12]. 
Table 9.4 Association Qonstante KA/l  mole'. 
M%  NI 	EtNMe3I 	EtNI 
This work 	 239 	 268 	 3* 31 
Kay 19 	 202 
Kortf.im19 	 29 
3•514 
9.5 Discussion of Results 
(a) Ionic Oonduotancea at Infinite Dilution: 	A comparison or the 
results obtained in the present work with those of other workers 
(Section 9.4) suggests that the values of the conductances at 
Infinite dilution which are quoted in Table 9.2 are probably 
reliable to about 01 ohm om2equiv. 
Fig. 9.2 shows the reciprocal of the conductances of the 
quaternary ions as a function of the number of carbon atoms in the 
ion, N0 . 	For a family of ions a linear relationship is observed, 
and the change in 'ionic resistance' per carbon atom (or ratrier, 
per -.,E2 group) is approximately the same in the series of ions 
(I) to (V) and (vi) to (XI). 	A simple relationship between 'ionic 
resistance' and the number of carbon atoms in the ion has been 
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* For Key see List of Symbols 
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(b) Association: 	The values of KA in Table 9.2 show an increase 
with ion size. This is illustrated in Fig. 9.3, where 	is 
represented as a function of the ion-size parameter. The trend 
is, however, not a function of the value given to a in the analysis 
of the conductanoe results, since a similar variation of 	with ion 
size was obtained when an ion-size parameter of 53 f was used for 
all the iodides. The results In Table 9.7 show that the trend in 
is also independent of the conductance equation used, although 
there are differences in the absolute values obtained for KA. 
Fig. 9.3 also shows the variation with a of the Fuosa 
function, Equation 2.25. 	it is clear that the experimental values 
of KAare higher than would be predicted on the basis of electro- 
static ion pairing alone. 	In order to test whether this effect 
could have resulted from the neglect of the effect of the lone on 
the viacol!y of thA Rolution, the experimental results were 
analysed with Equation 2.19, and the values of K. which were obtained 
are given in parenthesis in Table 9.7. 	In fact the correction is 
relatively small, and does not materially alter the discussion of 
the significance of KA. 	It therefore appears that the quaternary 
salts show definite association, and this is discussed in Chapter 12. 
A detailed examination of the values obtained for the association 
constants is however vitiated by the lack of precision of the 
experimental results. 
Table 9.5 Constants 
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(a) Universal Constants 
Temperature 
Avogadro's Number 128 
Boltzmann' a Constant128  
Electronic Charge128 
Faraday137 
P = 296'15 ° 
N = 6'0230 
Ic = 138049 
a = 4802914 
F = 96487 , 2 
(25°c) 
10 23 
10 16  erg degmolecu1e 
x 10-10  e.aue 
coul. equiv 
(b) Solvent Constants 
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0•5375 (0 . 53744) 
1682 (1682) 
The values in parenthesis are those given in References 445 and 63. 
* 1 ml. = 1000028 cm3 
1214. 
Table 9.5 (Contd.) 
(d) Conductance Equation Coefficients 
Program LS-5.2 was written in terms of the trivial constants: 
£iB; z2 B2 ; z3 =E1 ; z4 E2 
B2 a2 z72 /12 
17 = .2/tkP 
= 1/17 
1 9 = B1B2 
z 1 = 11B2B/12 
111 = B2 z7B/8 
The expressions for J and J2 were as follows:- 
Ptioas equation 8,61 
01 = z5[ 2z8a + 2z8 
2 a - 	+ 09074 + ln(z6a)j 
= z9 + 1O - 11]J1 0170 + ln(z6a)] 
03 = (21/24)(z6 )3(&3 + 217*2 - 1077617*) 
= 1216 a 
Pitts equation6O 
= z5[ 2z8a + 17716 + ln(z6a)] 
= zz6a + zii[001387 - ln(26a)] 
0 3 	(z63z73/6)(1292918252 + 1573216*) 
12 162*2  + (012314.84/3)z6217525 
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Table 96 Conductance Results *  
10000 A 10000 A 
Salt 	(I) (b 2) Salt 	(I) (a 1) 
1O7K 	= 0 '76 l07K 	= 076 
ap 
06611 119'06 0'6539 119'03 
14794 11783 11387 11825 
2'0148 11723 15933 11766 
26638 1167 22003 11701 
31476 11595 27631 11638 
4'0.36 115 , 44 33453 11590 
17369 11494 42383 11523 
51432 1147 
Salt 	(II) (b 1) Salt 	(III) 	(a 1) 
107K 	= 089 1071C 0'83 
10770 11503 0'3835 11263 
1 9381 11392 08020 11160 
28198 113'05 11325 11131 
35092 11247 1'5150 11080 
14'4325 11176 19482 11029 
52898 11117 2'3399 10990 
66584 11028 3'1994 10910 
39457 10848 
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Table 9.6 (Contd.) 
10000 A 10000 A 
Salt 	(III) 	(b 2) Salt (IV) (b 1) 
107K 	= 06L. 107K 	= o68 
ap 
11099 11126 07207 10910 
1'9646 11023 14945 10800 
27389 1091.8 21500 10726 
35676 10877 31746 106'28 
44565 10810 12351 10542 
53323 10751 55467 10154 
6214.74 10693 65184 103'93 
alt 	(V) (a 1) Salt 	(V) (b 2) 
lC7 	- 1]. 1O7K 	= 079 ap 
06031 10694 06357 106'82 
151450 105'40 15358 10552 
24109 104 - 48 23185 104v65 
33014 103'63 33155 10374 
38780 10316 41313 10308 
42310 102'88 52573 102'26 
5'0693 10228 65175 101144 
6'0530 101•62 
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Table 9.6 (Contd.) 
10000 A 10000 A 
Salt 	(VI) (a 1) Salt 	(VII) (b 2) 
107K 	= lL.O x 10 107K 	= 60 op 
07660 11371 07176 11081 
15604 11257 11803 11008 
23772 111614 1692 10943 
31205 11092 2'2279 10892 
40251 11016 2'7526 108'Ll 
48385 10955 3524 10771. 
6660 10847 43591 10702 
5'4331 10627 
Salt (VIII) 	(b 2) Salt (IX) (a 1) 
107K 0 	= 090 107K 	= 090 
06548 10795 1'1724 11003 
1'3535 10721 13991 109'13 
18824 10655 26182 10636 
2'6296 10577 3 0 1737 10791 
34025 10507 37675 107'36 
43856 104r34 49108 10652 
54362 10359 6'5919 10539 
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Table 9.6 (Contd.) 
10000 A 10000 A 
Salt (X) (b 2) Salt (XI) (a 1) 
= 11i2 = 135 sp 
07370 10856 07530 10613 
1 - 3908 1077 1483 10509 
20549 106'64 19864 1012 
29618 10579 33708 10305 
3764. 105'05 43798 102922 
15672 1014144 53185 10155 
55599 10375 66ll 10091 
66647 10305 87592 9941 
Salt 	(XII) 	(b 2) Salt 	(XIII) 	(a 2) 
107K 060 107K 	= 110 
08699 118'57 078142 11376 
18160 11726 114059 11287 
278514 11628 21859 111914 
36132 11557 28726 11125 
4514714 111488 36837 11057 
5'4475 1114 28 1414352 110.00 
631436 113'70 5148314 10926 
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Table 9.6 (ontd.) 
10000 	A 
Salt (XIV) (a 1) 











The salts (I) - (XIV) are as given in Table 5.1. 
The conductance rune are labelled according to whether 
samples of type (a) or (b) (Section 5.4), and bridge 1 
or 2 (Section 7.1), were used. 
Concentrations are expressed in equiv l- 1. 
Ft in expressed in obmom2equiv 1 . 
is the conductivity or the solvent in ohm- l om-1 . sp 
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Table 97 	Conductance Parameters at 250C* 
Salt 	Eqn. Ac, a KA "It 
I 	 RS 12133 -287 0036 
(a 1) 	L 12133 -236 0035 
P1 12137 062 0032 
P2 12137 061 0032 
P 12137 022 0032 
RS 12136 232 0 032 
L 12136 2'60 0•032 
P1 1211 501 277 (271 0029 
P2 121 40  261 (255) 0'030 
P 12135 256 0'32 
1(8 12135 -225 30019 
(b 2) 	L 12135 -185 0019 
Fl 12140 079 0'012 
P2 12140 079 0012 
P 12139 031 0018 
R3 12138 214 0.014 
L 121'38 23 0013 
Fl 121'45 268 (261) 0015 
F2 12143 2'49 	(2'12) 0012 
P 121 41 239 0012 
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Table 9.7 (Contd.) 
Salt 	Eqn. 	A0 	a 
II 	RS 117* 95 -255 0 - 024 
L 11795 -210 0024 
P1 118-01 059 0017 
P2 118601 0-59 0017 
P 11801 021 0019 
RS 11801 241 0017 
L 11801 270 0017 
Fl 11810 5'18 	3'10 	(29) 0021 
P2 11807 286 (270) 0017 
P 11603 268 0'016 
IV 	 RS 111'45 -294 0031 
L 11145 -245 0031 
P1 11150 040 0020 
P2 11150 0.40 0020 
P 11150 012 0-021 
RS 11150 274 0* 018 
L 11150 3* 04 0-018 
F1 11158 547 	352 (3'18) 0017 
P2 111-56 324 (2'90) 0014 
P 11152 3'O4 00018 
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Table 9.7 (Contd.) 
Salt 	Eqn. A 0 a 
III 	 I3 114* 35 -347 0012 
(a 1) 	L 11435 -287 0012 
P1 11438 0 - 38 0006 
P2 11438 038 o•o06 
P 11438 012 0* 006 
RS 11438 269 0006 
L 11138 298 0'006 
Fl 111442 5 * 33 	322 (300) 0011 
F2 llJL.l 303 (282) 00008 
P 11439 296 0005 
III 	 RS 114 21 -230 0013 
(b 2) 	L 11421 -190 0013 
Fl 11427 0'64 0005 
P2 11427 0'64 0.005 
P 11427 023 0013 
RS 11426 239 0 .004 
L 11127 269 0004 
P1 11435 5 9 33 313 (2'90) 0' 014 
P2 11433 287 (264) 0'008 
P 11428 269 0004 
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Table 9.7 (Contd.) 
Salt 	Eqn. A 0 a 
V 	 as 10901 0061 
(a 1) 	L 10901 -342 0060 
Fl 10906 015 0 048 
P2 10906 015 0'048 
P 10906 004 0'049 
HS 10908 330 0043 
L 109'08 361 0043 
P1 10 9 14 561 irlO (367) 0031 
P2 10912 381 	(339) 0036 
P 10909 362 0-042 










Fl 10909 025 OULL 
P2 10909 025 0011 
P 10909 007 0'012 
RS 10908 300 0 , 006 
L 10908 331 0 ,, 006 
Fl 10915 561 383 (3'40) 0024 
72 10912 353 (310) 0015 
P 109009 331 0007 
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Table 9.7 (Contd.) 
Salt 	Eqn. 	A0 	a 	 - 
VI 	RS 11617 - 354 0036 
1 11617 -.293 0035 
Fl 11623 030 0022 
P2 11623 030 0022 
P 11623 0'09 0 , 022 
R3 116'24 283 00018 
L 11624 313 017 
116'31 522 351 	(332) 0010 
P2 116-29 3027 (308) 0010 
P 116'26 312 0' 0 17 
VII 	RS 11319 - 315 0032 
L 11319 -261 0032 
Fl 11323 040 0036 
P2 11323 039 0'036 
P 11323 013 0'037 
RS 113 2 3 269 0'036 
L 113'23 299 0036 
F]. 11329 	536 3* 36 	(3' 09) 0045 
11327 313 (286) 0041 
P 11325 298 0'037 
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Table 9.7 (Contd.) 
Salt 	Eqn. 	A0 	a 
VIII 	RS 110050 - 3 . 59 0033 
L 11051 0•039 
Fl. 110'56 025 0030 
P2 110'56 0 6 25 0030 
P 11056 007 0031 
RS 11056 3'00 0028 
L 11056 331 0028 
F1 11063 552 374 (338) 0017 
P2 11061 348 (312) 0021 
P 11058 331 0027 
IX 	 RS 11309 -328 0016 
L 11309 -072 0•016 
Fl 11316 032 0017 
P2 11316 032 0017 
P 11315 009 017 
its 11317 287 0018 
L 11317 316 0018 
F]. 11327 536 364 (335) 0033 
1l32Lj,. 336 (3 08) 0026 
P 11319 316 0018 
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Table 9.7 (Contd.) 
Salt 	Eqn. A a 	KA 
X 	 RS 11086 -4 01 0070 
L 11086 - 334 0070 
Fl 11092 016 0'056 
P2 11092 016 0057 
P 11092 0'04 0057 
RS 110 - 94 3214 0.052 
L 11094  355 0052 
91 11102 5451 4- 04 (367) 0037 
92 11099 376 	(338) 0042 
P 110'95 355 0051 
XI 	 RS 10849 -406 0057 
L 108'49 -340 0057 
Fl 10857 012 0035 
92 10857 012 0'035 
P 10857 003 0036 
RS 10860 348 0022 
L 10860 379 0 , 021 
F1 10870 563 	4'43 (394) 0020 
92 10866 407 (358) 0023 
P 10861 378 0023 
1.37 
Table 9.7 (Contd.) 
Salt 	Eqn. 	A 0 	a 
XII 	 RS 12118 -232 0038 
L 12118 -191 0'036 
Fl 121'2 072 00026 
P2 12124 072 0028 
P 121'23 027 0031 
RS 12122 222 0028 
L 121'23 250 0028 
Fl 121'31 502 282 (272) 0016 
P2 12129 2'61 (251) 0019 
P 12125 248 0026 
XIII 	RS 11625 -386 01, 028 
L 11625 -269 0028 
Fl 11631 039 0020 
11631 039 0020 
P 11630 012 0020 
RS 11630 266 0018 
L 11630 296 0018 
F1 11637 523 329 (308) 0 ' 014 
P2 116'35 307 (2'86) 0014 
P 11632 294 0018 
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Table 9.7 (Contd.) 
Salt 	Eqn. 	A 0 	a 	K  
XIV 	 as 109'45 -247 0.010 
L 10945 -206 0010 
Fl 10951 051 0.005 
F2 10951 051 0005 
P 10950 016 0023 
RS 109 - 50 262 0-006 
L 10951 294 0 , 006 
Fl 109-60 560 39 0-023 
P2 109 - 57 3'17 0'015 
P 10952 294 0006 
* 
Key: 
The salts are labelled according to Table 9.6. 
For each salt, the upper act of parameters refers to the analysis 
of the results with Program LS-5.2,  and the lower not to the 
analysis with Program KA-5. 
Ao  is expressed in ohcm2equiv. 
a is expressed in I. 
KA is expressed in 1 mole- 1. The values in parenthesis refer 
to the analysis of the results with Equation 2.19. 
is the standard deviation of the individual points calculated 
from AA = Aoba - A Gala' 
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CHAPTER 10 
Apparent .{olal Volume Results 
10.1 Computer Program 
The work was programmed in Fortran for use with the 
Newcastle IBM 360/67 computer. Two versions of the program were 
written, Program DV-1 (unweighted) and Program DV-2 (weighted). 
The first section of the programs calculated the apparent molal 
volumes of the salts from solution density measurements, and the 
second section analysed the viscosity measurements (Chapter 11). 
The first section of Program DV-2 will be described here: it 
differed from Program DY-i mainly in the weighting of the 
experimental results. 
The densities and concentrations of the solutions were 
calculated from the observed weights and volumes, with the 
appropriate correction of weighings to in vaouo values (section 6.1). 
Values of j& (Equation 3.1) and of 	- 1868o (Equation 3.16) were 
obtained. 	The parameters $$' and j of Equation 3.14 were evaluated 
by a weighted least-squares treatment of Ø_186e& as a function 
of concentration, in which the experimental points were weighted 
according to o 	In addition, values of A (Equation 3.6) and of 
)60 from Equation 3.8 (Robertson's method 81 ) were oalculated, and 
the weighted (according to 02 ) mean of the values of v-  1-868c 
(Section 10.2) was obtained. 
14.0 
10.2 Experimental Results 
The solution concentrations and densities, and the 
values of 	and of #-1868o (#cor)  are given at the and of 
this Chapter, in Table 10.4. 	A summary of the values of #0. is 
given in Table 10.1. Three values of ev are quoted - the weighted 
mean of the values of oor, the value extrapolated by Robertson's 
method, 61 and the value given by Conway and his co-workera. 81 ' 9 
Since salt (XIV) was a bromide, the value for the corresponding 
Iodide was estimated by the addition of 115 ml mole to the value 
for the bromide (Table 3.1), and this value is used in the 
subsequent discussion. 
(a) Precision of Individual Measurements: The sensitivity of 
to experimental errors was discussed in Section 3.2, and a numerical 
estimate or the precision obtained in the present work Is given here. 
The effect of experimental errors in the solution 
concentrations may be calculated from Equation 3.4. The method of 
solution preparation which Is described in Section 8.3 is capable 
in principle of a precision of 0'01, and so an estimated error of 
005% in the concentrations is probably conservative. 	pinos the 
densities of all the solutions are of the order of unity, Equation 
3.4 becomes numerically equivalent to 
5 x 	(M 	#) 	 (10.1) 
which gives, for te trams thylammonlutn iod1d, ä 	0043 ml mola, 
and for tetraethylammonium iodide, äy = 60 36 ml mole- 1. These 
values are negligible In comparison with the effect of experimental 
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Table 10.1 _ 	Values* 
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The salts are numbered in accordance with Table 5.1. The 
value of the iodide of salt (XIV) was obtained as described in 
Section 10.2. 
90. is expressed in ml mo1e. 
The other symbols are explained in Section 10.2. 
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errors In the determination of solution densities, as is discussed 
below. 
Solution volumes measured with the pyknometer which is 
described in Section 6.3 are hject to an uncertainty of the 
order of + 0 , 001 ml, so tkia 	in Equation 3.5 has the value 
+ 2 x lO - g ml. This corresponds by Equation 3.5 to an error 
of + 02 ml mole in 	when the solution concentration is 
O'l mole litre, and of + 2 ml mole when the concentration is 
001 mole litre. The validity of this analysis of the experimental 
errors is evident from a comparison of the measured values of 
with the results of Oonway and his co-workera. 8 ' 	4rom the 
discussion in Section 3.2 it Is clear that these workera 8 claim 
a precision an order of magnitude better than that obtained In this 
work. 	The experimental values of '-1868c  for tetramethyl- 
nmonium iodide, salt (I); tetraethylaiumonium Iodide, salt (V); 
and inethylpyridintum Iodide, salt (XII), are shown as a function 
of concentration in Fig. 10.1. The slope and intercept obtained 
for these salts by conway and his co_workera8495  are represented 
by solid lines, and the maximum deviations from these values which 
could be produced by an error in the solution densities of 
+ 2 x 10 g ml are also shown. The results obtained In the 
present work agree with the precise values obtained by these workerj' 95 
4thIn the limitations of the experimental technique. 
(b) Extrapolation Procedure: 	From the above discussion, and from 
the results shown in Fig. 10.1, it is clear that the extrapolation 














0.05 	 0.1 
Concentration/mole 1_i 
The solid lines represent literature values84 ' 95 and uncertainties 
in 	corresponding to 3d = 0.002%. 
143 
Of ,-l868 C2  to infinite dilution may not be accomplished with 
certainty. 	Where the results of several runs are available, as 
in the case of tetraethylammonium iodide, a weighted least-squares 
procedure would provide a satisfactory method of extrapolation, 
but for a single run, as described in Section 8.3, there are 
insufficient points for any method of linear extrapolation to be 
reliable. 	This is, of course, the reason for the 1285 of Robertson's 
extrapolation procedure 61  (Section 3.2). 
The salts studied in this work, however, are very closely 
related, and precise values84 s 95  of 91V are available for three of 
them (Pig. 10.1). It is reasonable to expect that the 
concentration dependence of 	for the other salts should be similar 
to these, and this is supported by the results given in Table 10.3. 
It is therefore possible to obtain a reasonable estimate of 
friv the experimental results. For the most concentrated solutions 
studied in this work, o = 01 mole litre and so the error in 
which results from the uncertainty in the solution density is + 02 
ml mole -1  (Section 10.2 (a)). 	The slopes, j, of Equation 3.14 which 
are given by Conway and his co_workers84  are zero for 14e 4NI and 
-56 for EtNI (The unite of j  are 10 3
12xnol& 2 ). 	Ienoe the 
value of 	for a 01 molar solution of one of the quaternary 
ammonium iodides should be lower than the value at Infinite dilution 
by between 00 ml mole and 06 ml mole 1 , depending on the cation, 
and the measured value of 	for this solution could therefore be 
lower than the value of Øo by a maximu of 08 ml mole-1 . The 
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values of 	for more dilute solutions will reflect a combination 
of the slope j and the density error. 	In general, a weighted 
mean of the ialuea 	 should therefore provide a reason- 
able estimate of the value of $6. This procedure was adopted 
(Section 10.1) and the values of 00,, which were obtained showed 
reasonable agreement with the values obtained by other workers 
(Table 10.1). The error in the values of e which were obtained 
by the weighted-mean procedure is estimated as + 05 ml mole- 1. 
(To be consistent with the procedure used for the other 
salts, the value of e,, for tetraethylammonium iodide, which is given 
in Table 10.1, is based on the third not of values or 	for this 
salt presented in Table 10.3. 	This salt has a relatively large 
negative j-coefficient, and the results for this run are low in 
comparison with the literature va1uea6 (Fig. 10.1). 	Since the 
value of n( Ig only 05 ml mole- 1  lower than the value obtainedIj 
by Conway and his co-workera, 6 the estimate of a precision of 
+ 05 ml mole in e is reasonable.) 
10.3 Discussion of Results. 
The values of 31.0 obtained by Robertson's method, and by 
the weighted mean procedure, are shown in Fig. 10.2 as a function 
of the number of carbon atoms in the ion. The values fcr the 
iodides were used throughout. Although the absolute values of 
obtained by the two methods are slightly different, there does 












* For Key see List of Symbols 
N c 
Figure 10.2 4 Values versus N0 for Quaternary Ammonium Iodides *  
Upper scale, Robertson's method 81 
Lower scale, weighted mean of 0 _1.868e1 
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with the observation or Robertson and his co-workers. 8' 
For a family of ions, there is a linear relationship 
between ev and the numer of carbon atoms in the Ion, N 0. In 
other words, the increase in the apparent volume of the cation 
per 	group added is approximately constant. The volume per 
-OH2 group for the series: 
'chain' ions, salts (I) to (V), 
'ring' ions, salts (VI) to (XI), 
and pyridinium ions, salts (XII) and (XIII), 
are given in Table 10.2. 
Table 10.2 Volume change per -CH2 group 
Method Chain Ring Pyridinium 
Weighted mean 148 14'6 170 
Robertson 	 149 	 146 	 168 
The results in Table 10.2 show that the average increase in volume 
per -OH2 group is approximately the same for the 'chain' and 'ring' 
ions, but is greater for the pyridinium ions. The differences 
are independent of the method of extrapolation, as was suggested 
by Fig. 10.2. The slopes are in qualitative agreement with the 
results of Conway and his co-workers, 95 which are discussed In 
Section 3.3, although it is doubtful whether the 'secondary steno 
effects' postulated by these workers 95 are sufficient to explain 
the difference between the 'chain' and the pyrldinium ions. 
The existence of two effectively parallel lines for the 
'ring' and the 'chain' ions caste doubt on the validity of 
procedure for the determination of ionic values for 
(Section 3.3), since the values will depend on which salts 
are chosen for the extrapolation to zero cation weight. The 
values of 	(1) which are obtained by extrapolation of the 
volumes of the 'chain' and the 'ring' salts to zero cation weight 
are shown in Table 10.3, in comparison with the volume obtained by 
Conway and his co-workera. 8 
Table 10.3 Extrapolated Values of Ø(I)Anl mole 
5jfl 	 'ring' 	 Conway 8 
48 - 0 
	
402 	42'2 + 02 
The values in Table 10.3 show clearly that this extra olation 
procedure is unreliable, and certainly does not afford the precision 
which is c1aimed. 8 	The argument given in support of the extra- 
polation procedure, 8 that the differences between the extrapolated 
ionic volumes for chloride, bromide and iodide ions are in agreement 
within experimental error with the differences between the apparent 
rao1al volumes of the alkali metal salts of these ions, is entirely 
specious. 	This observation is in tact an inevitable consequence 
of the additivity of the apparent molal volumes of these salts 
and has no bearing on the validity of the extrapolation procedure. 
The extrapolation procedure is based on the kesumption that 
the volume of four -CH2 groups may be equated with the volume of 
56 g of the ion. This led to a linear relation between the ionic 
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weight and the apparent molal volume, because the salts studied 
by these workera6 differed only in the number of -CH 2 groups in 
the cation. 	The 'ring' ions studied in the present work may be 
represented as derivatives of the 'chain' ions formed by the re-
placement of -CH3 groups by -CH2 groups, and it is likely that 
the difference in the relation between cation volume and cation 
weight for the 'ring' and the 'chain' ions reflects the different 
volume per grain of -CU2 groups and of -CH 3 groups, 140 
as well as 
the different steric arrangement which is enforced by ring 
formation. Thus the relationship between ionic volume and ionic 
weight for quaternary ammonium ions depends on the nature of the 
groups present In the sidechains of the ions, and is only useful 
in the discussion of families of ions. 
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Table 10.4 Apparent Molal Volume Results *  
Salt lOOm lOOc d 
 07386 0 9 99762 12802 
20098 19988 099858 12609 
59532 58915 100148 12663 
98514 97)20 1004314. 126'14,9 
 13365 13301 099608 14. , ') - 16 
35853 35569 099974 14062 
73257 7e2299 100247 14083 
113796 111677 1'00540 140 94 
(111) 14632 14556 099811 15818 
3'3970 3'3691 099951 15736 
62603 61817 1e00160 15638 
94640 92992 100389 15626 
(IV) 11302 11247 099790 17061 
3'2244 31974 0'9990 17091.. 
68355 67370 100197 170'92 















170 ' 60 
170 - 44 
170 - 24 
(Con td. 
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Table 10. 	(Contd.) 
Salt 	loom lOOo d 
(v) 	014906 014887 0997141 188.62 166149 
12069 12007 099792 186168 18667 
2'54114 25221 099891 185'08 18478 
144076 43592 1'00023 18536 181497 
61592 60719 1001145 185614 185016 
130398 126951 100621 18573 185107 
03700 03686 099731 192 50 19239 
0'8846 08805 099768 18903 16886 
187147 18628 0998145 18368 18342 
29773 2 9523 099916 186'14 185-82 
14'0380 39963 099995 185'76 185'41 
10-8509 106056 1-001467 186-10 18550 
12617 12551 099799 181476 181455 
35980 35638 099966 18513 181478 
54291 53595 100095 18538 1 814 - 95 
111321 108755 1001491 185 - 65 185'03 
(Contd. 
150 
Pablo 10.4 (Contd.) 
Salt lOOm lOOc d Øcor 
(VI) 16735 16616 099845 14481  144'57 
35210 34929 099995 14517 14432 
73189 72211 100303 14501 14450 
98542 96573 100506 1451) 14452 
(VIII) 1 34L7 13376 099814 176 04 17582 
2 6360 26162 099919 17479 17449 
50029 49451 100106 175'04 17462 
91375 8'9674 10026 17555 17499 
(VIII) 13514 13443 099813 177 04 17682 
33' 3'021 0'99978 17622 17588 
72063 70957 100275 17564 17514 
9e98147 97845 100491 17557 17499 
(Ix) 13227 13161 099814 160'69 160'47 
4v3319 42896 100059 15963 159'25 
6352 8 62707 100221 15973 15926 
86213 84798 100404 159'14 15887 
(Contd. 
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Table ]j (Contd.) 
Salt 100w lOOo d 
(1) 12058 11997 099802 17695 176'74 
31738 31471 099962 17179 17445 
66746 65787 100214 17157 17409 
11 0 0230 10'7814 100584 174 0 35 173 0 74 
 13722 1'3617 0 0 99817 16770 169'48 
314259 33940 099961 18917 18883 
63541 62606 100214 18885 18838 
77671 7632 9 100326 188'64 18813 
 1'5286 15212 0.9819 12836 12813 
14'0968 10637 1000091 12713 12675 
81906 8'0825 100468 12736 126083 
134137 13 - 1501 100942 12755 12687 
(XXIX) 1•0268 10242 099801 11443 1144214 
2'6102 25929 099945 14390 14360 
5'8985 58316 100237 114159 114414 
11102 99359 100612 144144 14355 
(Cant d. 
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Table 10.4 (Contd.) 
salt 	lOOm 	lOOo 
(XIV) 	75555 	7L.323  
d 	 #o0r 
100109 	18O47 	17996 
(VII) 	25640 	251460 
52580 	51989  
099913 	161D4 	16074 
100129 	16016 	16003 
* 
ey 
The malts are numbered in accordance with Table 5.1, 
a is expressed in mole per Kg solvent. 
o is expressed in mole litre -1 . 
d is expressed in g ml- 1. 
is expressed in ml mole- 1. 




11.1 Computer Programs 
The results of the viscosity experiments were evaluated 
with the corputhr program DV-1, the weighted version of which 
(Program DV-2) was described in Section 10.1. After evaluation 
of the solution concentrations and densities as described in 
Section 10.1, the relative viscosities of the solutions were 
calculated from Equation 4.6, and the coefficients A and B v of 
Equation L..l4 were derived by a least-squares procedure, in which 
In 
0 
was treated as a linear function of the square root of the 
concentration (Equation 415). 
The experimental results were also analysed by a different 
procedure with the Program VF-2, which was written in Fortran 
for use with the Newcastle MM 360/67 computer. Equation 4.14 was 
rearranged in the form 
dt = d0t0  (1 + Ao + ic) 	 (11.1) 
The coefficient 
A v was given the theoretical value calculated from 
Equation 4.13, and Equation 11.1 was treated as an equation in 
two unknowns, d 0 t 0  and Bvs so that the measured value of t o 3ould 
be included as one of the experimental points. The justification 
for this procedure is given in Section 11.2 
1.54 
11.2 Experimental Results 
The solution concentrations, densities, and efflux times 
are given at the end of this Chapter, in Table 11.1, together 
with the values of n calculated from the value of to which was 
given by Program VF-2. 	Details of the analysis of the experimental 
results are given In Table 11.2. The experimentally determined 
values of t0 (Section 8.3) are listed with the parameters calculated 
with Program Dy-1. 
The values of the coefficient AV which were obtained when 
the experimental results were analysed with Program Dy-i were in 
poor agreement with the values predicted by the limiting law, 
Equation 4.13, and varied in a random way from one salt to another. 
Since the theoretical expression for AV is well established 
(Section 4.3 and Hof. 131), this gave a clear indication of a lack 
of precision in the measurements. The test suggested by Kay and 
his co-workers, 5° that the specific viscosity (Equation 4.2) should 
extrapolate to zero with concentration, showed that the experimental 
results were indeed in error, in those cases for which the values 
of A differed substantially from the theoretical values. 
The experimental results were recomputed with Program DV-2, 
in which the points were weighted according to concentration. 
The analysis gave coefficients AV and 13V which were not significantly 
better than the values obtained without weighting. This suggested 
that the errors were systematic rather than random. 
The programs DV-1 and DV-2 analysed the experimental results 
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in accordance with Equation 14.15, in which r is a linear function 
of the square root of the solution concentration. Since r 
defined by the relation 
- ((dt/d0t0 ) - 11/0 	 (11.2) 
it follows that r is sensitive to errors in the efflux times both 
of the solution and of the solvent. The former effect would 
produce a random error, but the latter affect would produce a 
systematic bias in the results. 	Differentiation of Equation 11.2 
with respect to t gives the expression (11.3), and differentiation 
with respect to t 0 gives the expression (11.4). 
= (d/d0t0c ) t 	 (11.3) 
= -(dt/d0t020) t 0  
Inspection of Equations 11.3 and 11.4  shows that foi the viscometer 
described in Chapter 8, an error either in t or in 	would produce 
an error in 	of the order 
= + 10 30 	t 	 (11.5) 
so that when c = 001 mole 1itre, 	= + 0002 1mo1e4 and 
when o = 01 mole litre, 	= + 0007 linole, if it Is 
assumed that the now times &i't correct to + 02 see, which is the 
precision estimated for the solution efflux times t. 
The error in t o was estimated (Section 8.3)  as + 03 seconds. 
According to Equation 11.5, this corresponds to an error in no of 
0'003 iknoie for a solution concentration of 001 mole litre. and 
of O'OOl 1mole4 for a solution concentration of 01 mole litre- 1. 
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It is clear from Table 11.1 that these errors are significant in 
comparison with the measured values of n c . An error in to 
produces a systematic bias in the measured values of 	and, 
according to Equation 11.4, the deviation varies inversely with 
the square root of the concentration. This means that both the 
alope B, and the intercept A v will be In error, if there is an error 
in t0 . 	In fact, the observed differences between the theoretical 
values of AV and the values obtained when the experimental values 
were evaluated with Program DV-1 could be explained in terms of an 
error of this order In the solvent efflux time t o . 
Since the solvent efflux time was or a precision similar to 
that of the efflux: times for the solutions, the method of analysis 
used in Program DV-1 gives undue weight to the value of t0 . 	It 
would be preferable to adopt a procedure which treats all the 
measured efflux times equally, and this was achieved with Program 
VP-2, as described in Section 11.1. 	The results given in Table 
11.2 show that the solvent efflux times calculated with Program 
VF-2 never differed from the observed values by more than 02 
seconds, which Is within the precision of its determination. This 
compares favourably with the 'flow time correction' applied by Kay 
and his co-workers, 50 which took values of up to 2 seconds in a 
viscometer with an efflux time of the order of 600 seconds. 
11.3 Discussion of Results 
Precise measurements of the viscosities of solutions of 
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tetramethylaumonium Iodide and tetraethylanwionlum iodide have been 
reported. 131 The experimental values of n for these salts are 
shown in Fig. 11.1 as a function of the aqua" root of the 
concentration, and the slope and intercept quoted by these workers 131 
are shown by solid lines. 	It is clear that the results obtained 
in this work are in agreement with the precise measurements of these 
workers1 within experimental error. 
The measured values of n for diethylpyrrolldinium iodide, 
salt (VIII), and for ethy].methylpiperldiniuzn iodide, salt (X), are 
plotted together in ?lg. 11.1, and it is clear that, within 
experimental error, the two isomeric ions have Identical B-coeffio-
lent a. 
Since tetramethy1anmonium Iodide and methylpyridinium Iodide, 
salt (XII), show very similar behaviour in conductance and density 
studies (Chapters 9 and 10), the difference between the B-coeffic-
ients of these salts seemed surprisingly large. The experimental 
values of 	for the two salts were therefore plotted together In 
Fig. 11.1, and it is deer that the difference cannot be ascribed 
to the experimental errors. 
The B-coefficients calculated with Programs IN-i and VF-2 
are shown in Fig. 11.2 as a function of the number of carbon atoms 
In the cation, N0 . 	It is clear that the B-coefficient changes In 
a systematic manner with the addition or -CM2 groups to the cation. 
The fact that the deviations from linearity are less for the values 
derived from Program VF-2, when spurious variations due to impossible 
values of A have been eliminated, increases the confidence In this 
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Figure 11.2 B versus N for Quaternary Ammonium Iodides 
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procedure. 
The change in Bv per -OH2 group for the 'chain' ions is 
0067 1 mole- 1 and for the 'ring' ions the change is 0068 1 mola, 
so that the change is the same for the two families of ions within 
the experimental error. 	For the two pyridinium tons trio change 
in B 	 group is 0083 1 mole- 1 , which is significantly 
greater than the values for the 'ring' and 	ions. 
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Table U 	Viscosity Results *  
Salt 100 t o d t 10010 
 07386 100850 099762 100890 1093 
1-9988 099858 100888 1334 
58915 10011.8 100830 1738 
9'7020 100434 100802 2'187 
 13301 1008'16 099808 100940 1938 
35569 099974 1010'56 2682 
72299 100247 101300 3809 
11168 100540 1014'70 1456 
14558 100855 099811 1010089 2788 
33691 099951 1013'15 3620 
61817 100160 101648 5.001 
92992 100389 101969 5954 
 11247 1008'82 099790 1011'67 3442 
31974 0'99940 1015'75 5154 
67370 100197 102262 7189 
10736 1 00489 103013 8889 
(Contd. 
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Table 11.1 (Contd.) 
Salt 	lOOo t0 	d t 100,n 0 
12551 10088 	099799 101236 256 
3'5638 099966 101901 6919 
5'3595 100095 1022'66 7 0 776 
10876 100491 103744 11159 
166146 98506 	099645 98691 2 531 
314929 099995 98834 3333 
7'2211 1'00303 99123 4570 
96873 1'00506 99257 5043 
(VIII) 	1317 100817 	099814 101159 3859 
26360 0  i9919 1014 0 32 5'091 
50029 100106 101933 6796 
91375 1001.426 1027 - 75 8'938 
(Ix) 	13161 1009•16 	0'99814 101184 3230 
4'2896 1'00059 1016'10 5025 
6'2707 100221 1018'79 5878 
84798 1 ' 004014. 102181 6727 
(Contd. 
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Table 11._1 (Gontd.) 
Salt lOOo to d t 100% 
CX) 1•1997 100904 099802 101277 4*242 
31471 099962 1016'65 5'701 
6'5787 100241 1023'92 7866 
10'784 1'0058 103263 9 0 859 
 13647 1008697 099817 101340 1700 
3'394O 0'99981 101954 7'190 
6'2606 1'00214 102723 9299 
7'6329 1'00326 103135 10325 
 1'5212 100826 099849 100866 1'473 
4'0637 100091 1008'45 2 , 000 
8'0825 100468 1008'35 2713 
13150 100942 100760 3231 
 102142 1008'35 099801 100967 20218 
25929 0'99945 1011'16 3'214 
5'8316 100237 101360 369 
9 . 9359 100612 10165 5'577 
(Contd. 
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Table 11.1 (Contd.) 
Salt 	lOOc 	 t0 	d 	 t 	 100% 
(VII) 	2•5460 	98687 099913 	99078 	3774 
99122 	4'060 




The salts are numbered in accordance with Table 5.1. 
Solution concentrations c are expressed in mole litre-
Efflux times t and to are in seconds. 
Solution densities d are expressed in g ml. 
is expressed in 1mole2. 
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Table 11.2 Viscosity Parameters at 25°0 
Salt Program t0 A B,, 
 DV-1 1008'55 ooQ60 0 m 049 
VF-2 100650 00064 0"019 
 Dy-1 100833 0'0036 0122 
VP-2 ioo6'16 0'0066 0'114 
 Dy-1 100855 00068 C, - 173 
VF-2 100655 0'0069 0173 
 rN-1 100880 00082 0'246 
VF-2 100882 00071 0250 
 DV-i 1006'55 00071 0'315 
VP-2 100846 00073 0315 
 IN-i 9650 0'0079 0139 
VF-2 985 06 00067 0142 
 LW-1 98692 00052  0 . 211 
VF-2 98687 0'0070 0204 
 DV-1 100833 00016 0281 
VF-2 1008'17 00072 0274 
(i, 	4-A 
1614. 





100900 	00116 	0192 
VF-2 
	
100918 	00070 	0208 
 LW-i 1009'00 0'0132 01, 258 
VF-2 100904 0'0072 0279 
 LW-1 100900 0'0064 0349 
VF-2 100897 00074 0345 
 1w-1 1008•143 00036 0'079 
VF-2 100826 000614. 0072 
 iw-i 100840 00061 0157 
VF-2 1008•35 00067 0.155 
* 
Key: 
The salts are numbered in accordance with Table 5.1 
to  is expressed in seconds. 
AV  is expressed in l
i  mole-i. 




12.1 Theoretical correlation or B and 
In Chapter Ii. * the application of Einstein's theory of 
viscosity to ionic solutions was discussed, and the B-coefficient 
was related to the apparent molal volume by Equation 4.16. 
Bv  = 25 ç 
This relationship is valid for solutes which are large in comparison 
with the solvent molecules, which is of course not true of simple 
ionic solutes. A number of other effects must be considered when 
the solute is similar in size to the solvent molecule.. 
When the ions are hydrated, the B-coefficient is determined 
by the hydrated volume of the ion, whereas 	is related to the 
intrinsic size of the ion, and is reduced by oleo troatriotion 
(Table 	Consequently the B-coefficient should be related 
to the hydrated volume, Vh,  of the ions rather than to the 
apparent volume, $,. The contribution to the B-coefficient which 
results from the Einstein effect may therefore be written 
BV = 25 V 
	 (12.1) 
Equation 4.16 would hold for all solutes in a hydrodynamic 
solvent continuum, but for real solvents the discrete molecular 
nature of the solvent must be taken into consideration. For an 
infinitely small solute with zero volume, Equation 4.16 predicts 
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that B v = 0, which is reasonable. However it is clear that a 
solute which can substitute isomorphically for a solvent molecule 
must also have a B-coefficient of zero. A simple relation 
between the volume of an ion and its B-coefficient seems unlikely 
for lone which are not substantially larger than the solvent 
molecules. 
(o) The expressions quoted in Chapter 1 for the effect of ion size 
on the viscosity of solutions, namely, the Einstein expression and 
its extensions, refer to spherical particles. 	In general, the 
expression for the Einstein effect may be written in the form 
(12.2) 
where the numerical coefficient a. has a minimum value of 25, for 
particles which are spherical. 
(d) The parameter 	depends on a number of factors other than the 
intrinsic volume of the ion, for example, the 'dead space' caused 
by inefficient packing of the solvent molecules (iapter 3). 	It 
is not likely in general that the value of B v would be influenced 
in the same way as the value of 
From the above discussion it may be seen that for solute 
particles which are comparable in size to the solvent molecules 
the values of B and of Xv will reflect interactions with the 
solvent which depend on the detailed geometry of the system. 
Since both these parameters are related to the size of the ion it 
is reasonable to expect a correlation between B v and # v for large 
Ions, but there is no reason to expect that this correlation will 
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be in exact agreement with the Einstein theory. 
12.2 Experimental Tests of the Einstein Theory for Ions. 
From the discussion in Section 12.1, the Einstein equation 
(Equation 4.16) is most likely to hold for ions which are large, 
spherical, and able to fit into the solvent with a minimum distur-
bance of the water structure. These criteria are likely to be 
satisfied by those ions which are extensively tidrated, and Equation 
12.1 may in fact be used to assess the extent of hydration of iona 3 
like Mg++  and La 
A study of the relation between the B-ooefTioienta and the 
hydrated molal volumes of electrolytes in aqueous solution has 
been made by Isono and Tamanzushi. 107 They chose to consider the 
total volumes and B-coefficients of salts to avoid an arbitrary 
splitting into ionic values. The hydrated volumes were calculated 
from hydration numbers obtained by methods independent of viscosity. 




was obtained, where a. had the value 283 ± 0 ' 26, and 0 had the 
value 0 , 190 + 00271 mole at 250C. The value of V when 
Bv  = 0 was therefore 67 ml mole -1 a and this value was interpreted' 07 
as the molal volume of water with the associated water molecules. 
This interpretation of the value of V  when B v = 0 is of interest, 
In view of Nightingale's56 discussion of the viscosity B-coefficient 
(Section 	Nightingale considered the B-coefficient as an 
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indication of the relative atrgthe of ion-water and water-water 
interactions. A positive B-coefficient means that the ion inter-
acts more strongly with the surrounding water molecules than does 
a water molecule, while a negative B-coefficient indicates weaker 
solute-solvent than solvent-solvent interactions. 	On this basis 
it is reasonable that an ion should have a zero B-coefficient it its 
hydrated volume equals the 'hydrated volume' of water. 
While these observations are interesting, the validity of 
the conclusions107 is doubtful 	The values of the coefficients 
of EquationT12.3 are dependent on the values chosen for the hydration 
numbers, and on which salts are included. This paper 107 does 
however provide evidence for a definite correlation between B v and 
Vh. 
The symmetrical quaternary ammonium ions are large ions 
which do not cause significant also trostriction. and are there-
fore suitable to be used in a test of the Einstein relationship 
for ions. There is evidence that large quaternary ammonium ions 
do in fact obey this relationship in nonaqueoue solvents. Stokes 
and Mills 3 calculated values for the B-coefficients of the tetra-
m.thylammonium ion and the tetraethylammonium ion which were in 
agreement with experimental values, on the basis of an estimate 
of the size of the ions. These calculations are however of doubt-
ful value. 	The ratio of the ionic B-coefficients to the ionic 
apparent molal volumes of these salts may be obtained if a reasonable 
estimate of the ionic values of these parameters for the anions is 
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mad.. 	Since the cations are large, the uncertainty in the choice 
of ionic values is effectively swamped. The values of 	for 
the ions Me11N 1 , Et 11N ' 1, Pz'N, and BuN' have been satimatedl4l  as 
14, 26, 41.and 7 0 respectively. The use of arbitrary ionic 
values may be avoided if the ratio or 	in calculated. For 
the ions Me N and Et14N the value of this ratio, from the results 
given in Table 10.1 and Table 11.2, is 5. Although jio is not 
simply a measure of the volume of the ion, this value is sufficiently 
different from the Einstein value of 25 to invalidate the 
conclusions of Stokes and Mills 3 that these ions obey the Einstein 
relation in water. 
A more detailed examination of the salts studied in the 
present work is of particular interest in this context. The 
values of B for these salts are shown in Fig. 12.1 as a function 
of 	There is a linear relationship for each family of ions. 
The slopes 1Bv/A°v  are L.'5 for the 'chain' ions, 	6 for the 'ring' 
ions and 49 for the pyridiniva ions. These values are very much 
larger than the Einstein value of 25, and since good straight 
lines are obtained, and the lines for the 'ring' and 	ions 
are virtually superimposed, this difference is probably not caused 
merely by departures from spherical shape. 	In fact it appears 
that for these ions the values of B and of 	are related in a 
similar way to the size of the ions. 
The values5O P 84  of Band e.  for tetrapropylammonium Iodide 






Figure 12.1 Bv versus 	for Quaternary Ammonium Iodides 
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the values for ta trams thylaxnoriium iodide and tetraethy1aonitmi 
Iodide taken from Tables 10.1 and 11.2. 	It is clear that the 
Pr N' and Bu 	ions show a large deviation from the Einstein 
relationship. This probably reflects a combination of the 
effects of the nonepherical shape of the ions and of hydrophobic 
hydration. 50 ' 3 
12.3 Correlation Between X and 
The experimental values of l,A 0 (Table 9.2) are shown as 
a function of the corresponding values of ev in Fig. 12.3. A 
linear relation is observed, and the values for all the Ions - 
'ring', 'chain' and pyridinium ions, together with the spiro-
compound, salt (XIV), lie on a single line. 	On the basis of 
Stokes' law, a linear relation between (i,A) and 6 0 would have 
been expected. Even though Ø Is not simply a measure f the 
volume of the ion (Section 3.3), there Is little doubt that the 
value of69(VO  for the addition of a -CR2 group to the ion is closely 
related to the change in the volume of the ion. The linear 
relation between 1/X, and 	therefore seems to support the 
conclusion of Kraus 136  
"It would seem that the resistance which an ion experiences 
in drifting through the solution under the action of an 
impressed field is dependent on its cubical rather than its 
linear or quadratic dimensions. 	Perhaps it would be better 
to say that it is dependent on its volume." 
In view of the failure of solvent continuum theories to 











Figure 12.3 1/0 versus 0 for Quaternary Ammonium Iodides 
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correlation between l/k o and #0.must be treated as an empirical 
observation. The fact, however, that the values of these pare-
meters for all the ions studied in the present work lie on a single 
line, irrespective of the shape and structure of the ions, suggests 
very definitely that, in the absence of strong ion-solvent inter-
actions, the conductances and apparent molal volumes or simple lone 
are determined by the same function of the size of the ions. The 
relationship between l^ and 	is given by 
0'146 ø° + O'OOL.l 
	
(12.Ie.) 
where X is expressed in obmom2equiv and 	is expressed in 
litre mole 
Fig. 12.4 shows a more general plot of l/X c, against ev for 
quaternary ammonium salts, based on the values from the literature 
which are listed in Table 12.1. The values of do for iodides were 
obtained, where necessary, by the additlon8 of 116 ml mole to 
the value for the corresponding bromide, and of 186 ml mole to 
the value for the chloride. 	It is clear that there is not a simple 
correlation between l/A, and 	in general. This may be seen 
clearly in Figs. 12.5 and 12.6 9 where 1/A0 and e.  are shown for 
I 
Ions of the general form h o NR+  (where RH3, Me Et E 3 , P1' 3 , 
8u3 , or Pont 
39  and R is a linear aldeohain), as a function of the 
number of carbon atoms, n0 , in the aidechain R. While the values 
of 	show an increase of about 15 ml mole' for each -OH2 group 
added to the Ion, the variation of 1/A 0 Is much more complex. 
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Table 12.1 Literature Values for X . and ° 
Ion 13tf * Ref 
Me14N 4442 2'251 1258 63, 84 
Et 14N 3222 3'1014 1855 63, 84 
Pr14N 2322 14306 2509 63, 84 
B%N 1931 5'178 312.4 630  84 
Pont 14N 17'13 5'7838 3755 119, 84 
7388 1 153 514.1 1142, 142 
MeNH 3 5763 1 9 735 724 1142 9  2 
EtNR3 14602 2173 892 114.2, 142 
Pr1iH 40 - 00 2500 1057 142 9 142 
BuNM 36'33 2735 1218 1142, 142 
P.ntNH3 ' 33•61 2'975 137'7 142, 142 
RexNH3 ' 31'63 3162 153'6 1142, 142 
MeptNH 3 30' 03 3330 1695 1142, 142 
0otN}I3  28 - 30 3'5314 185'14 1142, 142 
DodeeNH3 23'83 14197 77 
M.NH3 5782 1729 7214 79, 1143 
Me 2NH2  5145 1'9144 910 79, 1143 
Me 3NH ' 14662 2'1145 1092 79, 143 
PPNHj' 	 1057 	1143 
Pr2NH2 	 1569 	143 
20148 	1143 
* 	(I)'° (Br) + 116 = 	(C1) + 166 	(Ref. 814). 
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Table 12.1 (Contd.) 
Ion A iOO/ * Ref 
EtNMe 3 14050 21469 1403 79, this work 
PrNMe3 4 36'7 2725 1565 1144 
BuNMe3 3325 3008 79 
PentNMe3 18914 114.5 
HexNMe3 2922 31423 79 
0otNMe3 26'20 3817 2353 79, 82 
])eoNMe 24'02 4'165 2670 79, 62 
DodeoNt4e 3 2225 4488 2986 79, 82 
TetdNMe 3 2112 4735 3322 79, 82 
FIexdNMe 34 2062 606 78 
OotdN14e 3 199 5025 78 
HNEt3 1572 1143 
PentNEt3 2329 1145 
0otdZ4Et 3 181.0 5 , 556 74 
OctcINPr3 4 173 5780 74 
HexdRBu3 169 5917 74 
(Hoc2 194 )NMe 3 384 2'604 145'6 134, 1414. 
(H0c2 H4 ) 2NM.2 336 2976 134 
(HOc2H4 ) 4N 270 3704 188'5 1469 94 
a 	(I) = #(Br) + 116 = 	(C1) + 186 	(Ref. 84). 
Figure 12.4 1/X +0  versus 00 for Quaternary Ammonium Iodides 
Literature values from Table 12.1 















Figure 12.5 1/X versus n for the Ions RNR 3 

















Figure 12.6 	versus n0 for the Salts RNR 3 I 
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Fig. 12.4 indloates that A 0 is determined not only by the size 
of the ion, but also depends on other factors, which might Include 
the shape of the ion and its interactions with the solvent. 	It 
In at least clear that the claim by Deenoysrs and his co-workers, 
that their results support a relationship of the same form as 
Stokes' law, cannot be maintained, since different ions with the 
same apparent inolal volume have different conductances. 
A number of attempts have been made to explain the 
differences in mobility between ions which are expected to be of 
similar size. Spivey and &iell 	studied the conductances of 
(HOC2H 4 )NMe3 and or PrNM.3'. They concluded that the hydroxyl 
group in the former ion does not interact strongly with the solvent, 
and suggested that the mobility of PrNMe Is low in comparison with 
the symmetrical ions such as Me 	and Et N+  on account of the non- 
spherical shape of the Ion. Kay and Evans, 21 on the other hand, 
suggested that the lower mobility of Ions containing propyl groups, 
in comparison with their hydroxyothyl analogues, is caused by the 
hydrophobic hydration of the propyl group and the interference of 
the hydroxyl group with the development of the hydration 'cages'. 
These workers also discussed the higher mobilities of the long-
chain trimethylammonium ions compared with their symmetrical 
ieomers, 6 and suggested that the small headgroup of the former 
series of ions leads to less effective hydrophobic hydration that 
for the symmetrical ions. The suggestion that hydrophobic 
hydration Is a significant factor in the conductances of quaternary 
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ions in aqueous solution is supported by the lower mobilities 
of the large quaternary ammonium ions in water compared with 
the values in nonaqueous solvents, 21 which is illustrated in 
Fig. 12.7. 	Mukerjea75 however suggested that the long chain 
salts have higher mobilities because the chain is curled around 
the headgroup, giving an effectively spherical shape, while the 
symmetrical Ions are spiky. 
The correlation observed in the present work between 
and ev may be used to test the validity of the hydrophobic 
hydration effect postulated by Kay and his co-workers. 21 The 
values of 1/X0 and #0 for PrNMe 3 I, BuNMe3I, (H0C2H14 )NMe3 I and 
(HOC2H4)NI (Table 12.1) are shown in Fig. 12.3. 	A comparison 
with the values for the ions studied here tuggeste that the hydro-
phobic hydration effect postulated for the propyl- and butyltri-
methylaiwionIum iodides may in fact be real, but it appears that 
the effect is not large. The lone containing hydroxyethyl groups, 
on the other hand, show apparently anomalously low mobilities. 
It appears from Fig. 12.3 that the (ROC2H)N ion interacts strongly 
with water, contrary to the conclusions of Kay and his eo-workers. 21 ' 6 
As these workers point out, 6 such an interaction Is likely in 
view of the strong interactions between ethanol and water. 
The anomalously small volume of the (HOC2H)N Ion was 
discussed in Section 3.3, where it was shown that a satisfactory 
explanation In terms of the interaction of the Ion with the water 
structure could not be found. The suggestion of Spivey and Sae11144  
Figure 1 2.7 	versus N for Me4N, Et4N, Pr4N, and Bu4N in Different 
Solvents 
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that there is an intra-ionic attraction between the oxygen in 
the aideohain and the positive charge on the nitrogen could 
explain the similarity between the values of 	for Et 141 and 
(HOC2H 4NI. Thus the comparison between the hydroxysthyl and 
the propyl groups is misleading. 
It is clear that different experimental techniques give 
apparently conflicting information about the interactions of 
quaternary salts with the solvent. 	While these observations may 
be explained by a multiplicity of ad hoc assumptions of a 
qualitative nature, the inability of these assumptions to produce 
quantitative predictions must be regarded as a severe limitation 
of their ueetulneas. 7 
12.4 Hydration Numbers 
"The concept of hydration numbers is explicitly rejected 
as a travesty which only serves to cloud 	understanding." 
With these words Nightingale .56 dismissed the traditional 
practice of expressing ionic hydration in terms of a number, h, 
which is taken to represent the effective number of water molecules 
associated with an ion in solution. 	There is much to be said for 
this point of view. The values of h obtained from different 
techniques do not in general show good agreement, which is not 
surprising when it 1s considered that h must take account of all 
the ion-solvent interactions, such as electrostriction and structure 
breaking, and there 1s no reason to expect that these interactions 
will be equally significant in their influence on different 
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properties of the solution. 	Yet it is convenient to express 
the effect of the solute-solvent interactions in a quantitative 
form, and the hydration number is as meaningful as any other 
method. 	The derivation of effective ionic radii, 8 1br example, 
is no less arbitrary a.procedure. 	Since hydration has been 
expressed in terms of hydration numbers by many workers and for 
a wide variety of experimental techniques, the limitations of the 
concept are well known. 	As long as no undue physical significance 
is attached to the hydration number, therefore, It remains a 
convenient shorthand notation for the extent of so].vatlon. 
A number of methods for the estimation of h are discussed 
by Robinson and Stokes, 1 and a brief mention of some of these is 
given here. 
Transport numbers are measured by the Hittorf method, In the 
presence of a non-electrolyte. 	The Hittorf method involves the 
measurement of Ionic concentrations in the electrode compartments 
az1ter electrolysis. 	If the concentrations are also measured 
relative to the non-electrolyte, an estimate of the amount of water 
travelling with the ions is obtained. 	The main problem is that 
the non-electrolyte may migrate. The order of hydration 
Li+ > Na+ > K > Ce+ > H may be obtained, but there is disagree-
ment over the absolute values. 
Hydration numbers may be estimated from conductance measurements 
(Section 2.2). 
Another method is based on the measurement of the distribution 
of a suitable reference substance between water and an immiscible 
178 
solvent, and between an electrolyte solution and the other 
solvent. 	In general the addition of an electrolyte drives the 
reference substance into the other layer, and this is taken to 
mean that, by hydration, the electrolyte has withdrawn a certain 
amount of water from the state in which it may exert its solvent 
properties on the reference substance. 
As was mentioned in Section 1.1, hydration numbers may be 
obtained from activity coefficient measurements. 
Hydration numbers may be estimated from compressibility 
measurements. A reduction or compressibility of the solution 
compared with the pure solvent is attributed to the compression 
of the hydration molecules to their maximum extent by the electrical 
forces round the ion, so that only the remaining solvent molecules 
contribute to the solution compressibility. 
Some values of h are quoted in Table 12.2. The technique 
used is labelled according to the above classification. 
Table 1.2 Hydration Numbers for Salts  
Salt 	 (o) 	 (d) 	 (a) 
Lid 105 71 6 
LIBi' 910 7'6 56 
NaCl 7 1 9 3*5 7 
NaBr 64 2 6-7 
rlgC12  137 16-17 
LaCl3 	 182 
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The linear relation between l/X and 	observed for the ions 
studied here (Section 12.3) suggests an alternative approach to 
the calculation of the hydration numbers of monovalent cations. 
As was discussed in Section 1.6, the ions studied here should not 
interact strongly with water, since the ions are too large to 
cause much electrostrictive disruption of the water structure, and 
too small to be significantly hydrophobic ally hydrated. 	These 
suppositions are supported by the fact that ions of such different 
structures give values of these parameters which lie on a single 
line. 	It is therefore reasonable to consider these ions as a 
model for the hydrated monovalent cations, and to calculate the 
hydration numbers as follows. 
From the linear relationship between 1/X 0 and ev (Equation 
12.4), the effective hydrated volume V of the iodide of a cation 
of known conductance may be obtained. 	The volume of water 
attached to the cation may be estimated as 
V h = V 
	
(12.5) 
where jio is the apparent molal volume of the iodide of the cation. 
The value of Vh  divided by the molal volume of water gives an 
estimate of the number of water molecules bound to the cation. 
Values of h were calculated by this method, based on Ionic 
conductances taken from Ref. 1 and on apparent molal volumes 
given in Ref. 107. 	The values of h are given in Table 12.3. 
This procedure is marginally lees empirical than that of Robinson 
and Stokes, 55 and is tree from doubts about the hydrophobic hydration 
of the quaternary ammonium ions. The values of h given by these 
Table 12.3 Hydration Numbers for Ions 
Ion 	Li 	Na 	K 	Rb9 	Cs 	NLi 
h 	63 	41 	11 	05 	01 	0'6 
workers55 (Lj+ = 7, Na' = 5) are however in good agreement with 
the values given in Table 12.3. 	It is interesting to note that 
the 'hydrated molal volumes' given by tsono at al. 107 for the alkali 
metal iodides are vary similar to those calculated from Equation 12.4, 
while these salts may not be made to fit on the graph of B against 
si, (Fig. 12.1) by the use of reasonable hydration numbers. 
12.5 Association 
The association constants obtained for the quaternary 
ammonium salts were significantly larger than those predicted 
by the Fuoae function, Equation 2.25, and it may therefore be 
assumed that the quaternary salts are slightly associated. How-
ever, two different explanations of the 'anomalous' properties 
of quaternary ammonium salts have been advanced. Diamond13 argued 
that an ion in solution forms a region of disturbance of the water 
structure, and that this disturbance may be minimised it two ions are 
forced together to form an ion pair. This mechanism is referred 
to as 'water-structure enforced ion pairing'. 
This type of ion pairing has been criticised 22  on the grounds 
that the quaternary ammonium ions are struoture-makera whereas 
the halide ions are structure-breakers, and that an ion pair 
between these ions is unlikely. Cation-cation interactions were 
KGP 
therefore postulated by Wen and saito16 to explain their apparent 
molal volume measurements. Wan and Saito argued that the 
hydration 'cages' surrounding the aideohaina of different ions 
may be mutually stabilised, and that this leads to a reduction 
in the apparent volume due to the occupation by the aidechaina of 
the spaces in the open structure of the 'cages'. 	This concept is 
entirely qualitative, and It is not therefore possible to predict 
how the conductances of the salts would be affected. 	It is, 
however, related to the dimerisation postulated by ?4.uerjee 75 to 
explain the concentration dependence of the conductances of certain 
long-chain iona. 7 ' 7679 Mukerjee pointed out that the dimers 
might be either more or less conducting than the monomers, and was 
thus able to explain the observed concentration dependence of the 
conductances of these ions. The fact that the small quaternary 
ammonium ions do not deviate from the limiting Onsager slope to the 
extent which would be predicted by the size of the ions, could 
therefore be explained If the cation-cation interactions postulated 
by Won and Saito16 led to a reduction in the solution conductance. 
This is in fact a reasonable supposition. 	Although this inter- 
action was postulated to explain a reduction in the apparent volume 
of the solute, the promotion or solvent structure would be likely 
to reduce the solution conductance. Thus the importance of 
cation-cation interactions may not be entirely ruled out. 
This Interpretation is, however, unsatisfactory. 	The agree- 
ment between the association constants required to fit different 
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types of experimental measurements (Table 2.3) is good, in view 
or the difficulties involved In the determination, i.e. that 
relatively small deviations from the functions for unaseociated 
electrolytes are involved. This agreement would be expected if 
Ion-pair formation is involved, but would be entirely fortuitous 
if cation-cation interactions were involved. 	The cation-cation 
interaction mechanism is unable to explain the specific dependence 
of the solution properties on the anion. The association constant 
obtained in this work for a bromide (Salt XIV, Table 5.1) is 
significantly lower than the values for the iodides (Fig. 9.3). 
This difference is also obvious in the results of Evans and Kay. 63  
Similar evidence has been presented by Prue and his co-workers 9 on 
the basis of activity coefficient measurements, and the importance 
of the anion has been stressed by these workers. 9 
The association of quaternary ammonium halides has been 
postulated by a number of workers. Kay and his co-workers 44t63  
have argued that this association is not promoted by solvent 
structural considerations, since there is no increase in the 
association constants obtained for the symmetrical quaternary 
ammoniuxn halides at 250C when the temperature is reduced to 100c, 
or when the solvent is changed to 1)20 . 	Since however these 
conclusions were based on a three-parameter analysis of the 
experimental results which is inadequate for these salts (Section 
2.5), there is no reason to expect that an increase in the 
association constants due to solvent structural considerations would 
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have been detected. Table 12.4 shows the values of K   which 
were calculated by a two-parameter treatment, In which reasonable 
values of a were supplied, from the experimental results of Key 
and his co-workere. 1' 6 
Table 12.4 Association Constants for Qpaternary Ammonium Salts 
Salt 110a 112 0 - 	 - 	 110b D20  
10°C 250C 25°C 25° C 
MeNI 2-27 2-02 194 2-19 
PrNI 510 4v63 
BuNI 636 6'Ol 596 633 
a Kay's resulta63  evaluated in Ref. 19. 
b Kay's resuita' 6 evaluated with Program KA-5. 
It is clear from Table 12.4 that the salts show more association 
behaviour both when the temperature is reduced and when the 
solvent is changed to 1)200  contrary to the observations of Kay 
and his co-workers. 44v63 The stabilisation of ion pairs by 
solvent structural considerations is therefore a definite 
possibility. 
Mf 
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